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Abstract.
After a historical survey of the kinetics of 
gaseous dehydrochlorination reactions, a critical 
account of developments in the theory of unimolecular 
reactions is given. This latter has considerable 
bearing on the choice of compounds examined here.
The construction and operation of both static 
and dynamic apparatus are described. The preparation 
and purification of the materials are detailed, and 
their physical constants are compared with previous 
determinations. Full details of the kinetics of the 
thermal decomposition of allyl chloride, trichloro- 
ethylene, and the 1;2-dichloroethylenes, in a static 
apparatus with carbon coated walls, are reported. In 
all cases the effects of changes in the surface/volume 
ratio of the reactor and the addition of inhibitors 
such as propylene and n-hexane have been carefully 
investigated. In addition, the effects of the ’’inert” 
gases, n-pentane and diethyl ether, on the unimolecular 
decompositions of the chloroethylenes have been studied. 
A series of flow experiments, primarily for the large 
scale collection and analysis of reaction products has 
also been performed. It is deduced that the pyrolysis
of allyl chloride is predominantly a non-chain, but 
partially heterogeneous reaction, while the decompositions 
of all the chloroethylenes are homogeneous, simultaneous 
chain and molecular processes.
Having shown that the results justify the 
assumption that the second elimination of hydrogen chloride 
from a polychlorohydrocarbon is slow compared with the 
first, a mechanistic interpretation of the kinetics is 
given. A possible explanation of the unexpected 
heterogeneity, detectable chain component, and low 
efficiency of the unimolecular process found in the 
pyrolysis of allyl chloride is given. A reasonable 
chain mechanism which explains the kinetics of the free 
radical decomposition of trichloroethylene is postulated, 
and the finer points of the mechanism confiimied by a 
quantitative treatment of the observed induction periods. 
Finally, the unimolecular decompositions of eJLl the 
chloroethylenes are discussed in connection with Slater’s 
treatment of unimolecular reactions.
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Introduction
In recent years chemical kinetic investigations 
of many gaseous dehydrohalogenation reactions have been 
made. Apairb from their industrial applications, these 
reactions have proved to be intrinsically interesting.
From the experiences of the several workers in the field, 
advances in experimental technique, and in the control 
of conditions have been made, and many difficulties 
encountered by the earlier workers explained. By means 
of these practical improvements, the reliability of the 
results obtained has been increased, and, therefore, 
more intimate studies of reaction mechanism have become 
possible. This last field has proved to be very fruitful 
because both molecular and free radical mechanisms have 
been observed, and some of the reactions involved have 
been amenable to very close study.
The earliest physico-chemical investigation of a 
gas phase dehydrohalogenation was that reported by Biltz 
and KÜppers (Ber., 1904, 32> 2398). They restricted
their attentions to the pyrolysis of the two 
dichloroethanes with completely inconclusive results,
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as they could not attain reproducibility.
Lessig (J. Phys. Chem., 1932» 3 6 , 2325) made a 
rapid, and rather more successful, study of many 
reactions in which the elimination of a hydrogen halide 
occurred. Employing a static technique, and reaction 
vessels with scrupulously clean walls *, he found that 
the pyrolysis of ethyl bromide was reproducible, 
unaffected by changes in the surface/volume ratio of the 
reactor, i.e. homogeneous, and unimolecular in mechanism. 
It was, however, observed that bromine accelerated the 
decomposition.
He also investigated the decomposition of the 
bromopropanes under the same conditions, but with 
considerably less success. n-Propyl bromide was found 
to decompose in a homogeneous manner, and to be 
unaffected by the addition of water vapour. On the
*Rice (J. Chem. Phys., 1939» Z> 7 6 6) has enquired 
most pertinently, "What is meant by a clean glass surface? 
How did you keep the glass walls clean after the first 
few seconds of the reaction?" Since the heterogeneous 
reaction occuring on the walls of the vessel must, by 
its very nature, be suppressed to some extent as the 
reaction proceeds, it seems that reproducibility of 
results under these conditions is largely fortuitous.
The great advantage of reactors with completely product 
fouled walls is that the heterogeneous conçonent of the 
pyrolysis is reduced to a small, constant fraction of 
the reaction rate at constant temperature.
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other hand, it was also found that a small quantity of 
n-propyl alcohol retarded the reaction, while a larger 
amount accelerated it. The addition of oxygen caused 
a tremendous increase in rate. The reaction was, 
however, an undoubted dehydrobromination as no free 
bromine was found in the products of reaction.
Lessig reported that the reproducibility with 
iso-propyl bromide as reactant was even less satisfactory, 
and that although pyrolysis of the chlorides,
1 :2-dichloroethane, iso-propyl chloride, tert-butyl 
chloride and chloroform, yielded hydrogen chloride, the 
decompositions were not simple, first order reactions. 
Ethyl iodide was also studied, but, as the reaction 
products included iodine, it was concluded that this 
was not a simple elimination of hydrogen iodide. This 
conclusion is in agreement with the arguments of Howlett 
(Thesis, London, 1948) and Sherman, Quimby and Sutherland 
(J. Chem. Phys., 1936, 4, 732), and with the experimental 
results of other workers on iodoethanes (Cline and 
Kistiakowsky, J. Chem. Phys., 1937, 5, 990; Barton, 
Thesis, London, 1942). Dr. B.G. Gowenlock (private 
communication) has found that iodides decompose both by 
an initial splitting out of an iodine atom, and by the
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direct production of hydrogen iodide,
Lessig's results are of little quantitative value 
by present standards (indeed, they were intended to be 
no more than pointers for future work) except to establish 
that many of these reactions are kinetically of the first 
order. The most interesting feature noted by this 
author is the enormous effect on the velocity of these 
reactions exerted by added gases, even in small amounts. 
This sensitivity to traces of foreign materials has been 
noted by many later workers in both the alkyl bromide 
and chloride series.
During the next f e w  years ethyl bromide was the 
subject of intensive researches by Daniels and his school. 
Vernon and Daniels (J.A.C.S., 1933» Ü ,  922) reported that 
in a clean-walled static apparatus, over the initial 
pressure range 1 2 -3 6 0 mm., the thermal decomposition of 
ethyl bromide was reproducible and homogeneous, provided 
that a very pure specimen of ethyl bromide was used, and 
that oxygen was carefully excluded. They found that at 
high pressures the rate constants measured were independent 
of the initial pressure, but at initial pressures below 
ca. 90 mm. there was a fall in rate constant, and the order 
of reaction began to rise with decreasing initial pressure.
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Having concluded that the correct mechanistic 
interpretation of these results was in terms of a uni­
molecular reaction, the authors discussed the results 
from the stand-point of the theories of Hinshelwood 
(Kinetics of Chemical Change in Gaseous Systems, Oxford, 
19 26), Rice and Ramsperger (J.A.C.S., 1927, 4g, 1 6 1 7), 
and Kassel (J. Phys. Chem., I9 2 8, 3 2 , 225). From 
considerations of the observed energies of activation 
at high and low pressures, they decided that there was 
better agreement with one of the theories involving the 
localised accumulation of energy, rather than with the 
simple theory. They concluded, however, that the 
experimental evidence was insufficiently delicate to 
distinguish between the Rice and Ramsperger treatment, 
on the one hand, and the Kassel treatment, on the other.
Pugassi and Daniels (J.A.C.S., 1938, 6 0 , 771) 
continued this examination under similar, but more 
rigorously controlled, conditions. A series of flow 
experiments was performed, primarily to obtain reaction 
products for analysis, but also to confirm the static 
kinetic measurements. The rates they observed were 
20-3C% lower than those noted by Lessig (loc. cit.), and 
by Vernon and Daniels (loc. cit.). It was suggested
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that this was due to the very careful removal of oxygen. 
The velocity constant of the reaction was found to fall 
when the initial pressure was reduced to ca. 100 mm.
The addition of hydrogen or nitrogen in experiments 
starting from low partial pressures of reactant gave 
inconclusive results. Careful study showed that the 
reaction was accelerated by increasing the surface/volume 
ratio of the reactor.
Fortunately, some of their other observations gave 
a clearer indication of the reaction mechanism which 
might be in operation. From the existence of induction 
periods when impure ethyl bromide was employed, the 
accelerating effect of oxygen, the inhibiting effect of 
mercury vapour, and the discovery of hydrogen and paraffins 
in the products it was concluded that the mechanism of the 
reaction was complex.
Although the dynamic experiments were less reliable 
than the static ones, reasonable agreement between the 
two sets of experiments was reported. Product analyses 
showed that ethylene and hydrogen bromide were, by far, 
the most important products, but that small amounts of 
alkanes were also formed. The quantities of these last 
were greater in the flow system.
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Further evidence for a complex reaction was 
supplied by consideration of Pease's work (J.A.C.S.,
1 9 2 9, 51» 1 8 38) on the polymerisation of ethylene, a 
possible source of the paraffins. Pease had reported 
that this reaction was terminated on the walls of the 
containing vessel. Fugassi and Daniels found more 
alxanes in the flow system, which had the hi^er surface/ 
volume ratio. The opposite would have been expected if 
the alkanes had arisen from the polymerisation of 
ethylene. Therefore they decided that the saturated 
hydrocarbons must be formed during, and not after, the 
main reaction. On the basis of this evidence, they 
suggested that the most probable, of all the possible, 
mechanisms was one involving free radicals, but not 
chains. ihe postulated scheme was
CgH^Br + Br
CgH^Br + Br CgH^Br + HBr
CgH^Br + - C^H^Br
C2HÇ 4- C2HJ (wall) --- > mixture of hydrocarbons.
Further progress in this study was made by Daniels 
and Veltman (J. Chem. Phys., 1939? 2$ 756). Employing 
the well-tried static technique they made careful researches
-  8  -
into the effects of surfaces on this reaction. In 
particular, they noted that runs performed in aged reactors 
were always slower than those performed in clean-walled 
vessels. They concluded, therefore, that the dehydro- 
bromination was catalysed by glass surfaces. They also 
noted that the results obtained in carbon-coated vessels 
were considerably more reproducible.
Their other experimental material can be summarised 
as follows. At initial pressures below ca. I30 mm. the 
value of the rate constants fell v/ith decreasing pressure. 
Accompanying this fall in rate constant was the appearance 
of a time lag at the beginning of the reaction, during 
which the pressure remained constant. The addition of 
bromine to the system caused an acceleration which was 
proportional to the square root of the bromine concentration. 
This suggested that bromine atoms were participating in the 
reaction, but extrapolation of the results to zero bromine 
concentration indicated that a different mechanism might be 
operating. Nitric oxide was without influence on the 
reaction.
From a critical survey of the three types of possible 
reaction mechanism, unimolecular, long radical chain, and 
three-step radical reaction, the authors felt that the last
- 9 -
was the most favourable in this case. They attributed 
the fall in rate constant at lower pressures to radical 
diffusion to the walls, rather than to the failure of a 
unimolecular process.
It is apparent from the foregoing work that the 
pyrolysis of ethyl bromide is of mechanistic complexity.
The interpretation of the results obtained in clean-walled 
vessels by Vernon and Daniels cannot be accepted, as it 
stands, because Fugassi and Daniels have shown that, under 
similar experimental conditions, the mechanism is not 
simple, and Daniels and Veltman have reported that the 
decomposition is catalysed by glass surfaces. It follows, 
therefore, that the discussion of the various theories of 
unimolecular reactions is invalid, as the theories must 
have been grafted onto a composite reaction.
Similarly, the work of Fugassi and Daniels must also 
refer to a partially heterogeneous reaction. The increase 
in saturated hydrocarbon products, found when the surface/ 
volume ratio of the reactor was raised, although confirming 
the complexity of the reaction, suggests that the chains 
were being initiated on the walls to some extent.
The work of Daniels and Veltman is free from the 
objection of partial heterogeneity, and is thus of greater
— 10 —
quantitative value. However, the results of Pugassi and 
Daniels were assumed to apply under these different 
experimental conditions, and, as has been pointed out, the 
homogeneous free radical nature of the decomposition is 
not established without further tests for chains.
The work of Roof and Daniels (J.A.C.S. , 1940 , 62.
2912) and Roof (J.A. C.S., 1944, 358) on the
codecomposition of acetaldehyde and ethyl bromide is 
further possible confirmation of this point. Unfortunately, 
the fact that ethyl bromide induces a rapid decomposition 
of acetaldehyde at a temperature at which the aldehyde alone 
is thermally stable is not entirely without ambiguity of 
interpretation. Neglecting the calculation of chain 
lengths, a dubious procedure in such a complex system, the 
chief conclusion drawn from the results is that ethyl bromide 
must decompose by a free radical mechanism. This can only 
be accepted with reservation, since Roth and Rollefson 
(J.A.C.S., 1 9 4 2, 64, 1707) found that hydrogen sulphide 
catalyses the reaction, and Howlett and Barton (Trans. Far. 
Soc., 1 9 49, 4^, 735) found that hydrogen chloride, also, is
a catalyst for the reaction. It therefore seems more than 
probable that hydrogen bromide exerts a similar influence. 
This leaves the existence of a purely gas phase chain 
reaction probable, but not proven.
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Maccoll and his co-workers (J. Chem. Phys.,1953»
2 1 . 1 7 8) have reinvestigated the pyrolysis of ethyl 
bromide, and report that a unimolecular process, and chain 
processes proceed simultaneously. This new material 
must cast doubt on the three-step mechanism which was 
proposed originally. This was chosen to explain the 
kinetics of the over-all reaction, but is only strictly 
applicable to the free radical part of the reaction. It 
may well be correct, but is not unequivocally established.
Concurrently with the work on ethyl bromide Brearley, 
Kistiakowsky and Stauffer (J.A.C.S., 1936» 5§» 43) were 
investigating the pyrolysis of tert-butyl chloride and 
tert-aml.yl chloride, while the two latter workers 
(Kistiakowsky and Stauffer, J.A.C.S., 1937» 52» 165) were 
also engaged in studying the thermal deconposition of 
tert-butyl bromide. The first interesting feature in 
these studies is one which has since been recognised as 
a necessary condition for reproducibility. They found 
that, in order to obtain reproducible results, it was 
essential to repeat the decomposition of tert-butyl 
chloride until a coherent, carbonaceous deposit covered 
the reactor walls. They reported that the efficiency of 
this film was destroyed to such an extent by prolonged
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evacuation, or by the admission of air, that they had to 
burn it off, and lay down a fresh film. Although all 
later workers seem to be agreed about the deleterious 
effects of air, it has usually been possible to repair 
the damage more simply. It seems to be feasible to 
recoat the reactor without previously removing the damaged 
lining. Another technique of Brearley, Kistiakowsky and 
Stauffer which has since been widely employed is to leave 
the products of one run in the reaction vessel until 
shortly before the commencement of the next one, as this 
helps to safeguard the reactor coating.
Under these conditions, and employing the 
conventional static method, Kistiakowsky and his co-workers 
found that all three decompositions were homogeneous, 
unimolecular reactions. This claim has since been 
substantiated for the pyrolysis of tert-butvl chloride by 
Barton and Onyon (Trans. Far. Soc., 1949, 4$, 725), and of 
tert-butyl bromide by Green, Harden, Maccoll and Thomas 
(J. Chem. Phys., 1953, 21, I7 8). Although there is little 
reason to doubt the earlier results, the later confirmation 
is highly satisfactory, since no tests for free radicals 
were applied in the original investigation.
An entirely different dehydrobrominat ion to be
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studied was the pyrolysis of allyl bromide (Maccoll,
J. Chem. Phys., 1949, 1%, 1350)» He reported that, over 
carbonaceous surfaces, the reaction was first order, and 
homogeneous, and that it proceeded to virtual completion. 
The reaction was found to be unaffected by oxygen, 
nitrogen or propylene. A fall in rate constant was 
observed when the initial pressure was reduced below 
300 mm. The addition of hydrogen restored these low 
pressure velocity constants to their high pressure values.
This reaction is clearly not of the chain type.
Of the other mechanistic types, unimolecular and non-chain, 
free radical, (cf. Daniels and Veltman, loc. cit.), Maccoll 
favoured the latter. He suggested that the primary split 
could be represented as
CHgiCHg.CHg.Br  Br^ -CHgiCH^ .CHg.
a Lindemann mechanism being in operation. Two arguments 
in favour of this hypothesis were advanced. These were, 
first, the stability of the free allyl radical, relative 
to its combined state in allyl bromide, which would 
facilitate the rupture of the C-Br bond, and second, the 
agreement between the activation energy and the C-Br bond 
dissociation energy in allyl bromide. The value of both
- 14 -
these quantities is 45*5 kilocals./mole, the bond 
dissociation energy being quoted from the work of Roberts 
and Skinner (Trans. Far. Soc., 1949, 45, 339)«
It is always difficult to assess the value of an 
isolated example. As no absolute criteria for the 
correctness of mechanistic interpretations of experimental 
observations exist, it is usual to draw analogies, and 
make comparisons with as many related reactions as is 
feasible. In this case it is impossible, so nothing more 
than a tentative view can be expressed. It seems more 
than likely that the experimental data are accurate, and 
the mechanism proposed to explain the facts appears to be 
quite reasonable.
Agius and Maccoll (J. Chem. Phys., 1950, l8 , 158) 
re-examined the decomposition of n-propyl bromide. They 
confirmed Lessig's views that the reaction was homogeneous, 
catalysed by oxygen, and that it followed the course
CH^.CHg.CHg.Br — » CHg.CH. zCHg'HBr
The kinetics were found to be fitted best by an equation 
of 1*5 order. Propylene was shown to be a powerful 
inhibitor for the reaction, reducing the velocity constant 
to a limiting value, which, from its dependence on
- 15 -
surface/volume ratio, was thought to be due to a 
heterogeneous reaction. The authors, therefore, drew 
the natural inference that the overall process was 
predominantly a chain reaction.
iso-Propyl bromide was studied by Maccoll and Thomas 
(J. Chem. Phys., 1951, 12, 977) who found that this reaction, 
in contrast to the decomposition of n-propyl bromide, 
appeared to be unimolecular. The fall off in rate as the 
reaction proceeded, especially in the higher pressure runs, 
and those performed in the presence of propylene, suggested 
to the authors that the equilibrium
CgH-yBr r-r" C^ H^ t-HBr
was set up. In other respects the reaction was found to 
be unaffected by the addition of propylene, allyl bromide 
or bromine. This, and the pressure invariant rate constants 
recorded, seem to justify the authors' views on the 
mechanism,
A possible explanation of the different elimination 
mechanisms employed by the propyl bromides was put forward.
It was suggested that bromine atom attack at a secondary 
C-H bond was preferred to attack at a primary C-H bond, 
since there was some evidence to show that the former was 
weaker than the latter. Therefore a chain mechanism might
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take precedence over a unimolecular process in the 
decomposition of a molecule which had a preponderance of 
secondary C-H bonds. n-Propyl bromide would, by this 
reasoning, be expected to exhibit the chain dehydrobromination, 
while iso-propyl bromide should decompose by the unimolecular 
process, in agreement with experiment. The reputedly 
unimolecular decomposition of tert-butyl bromide (Kistiakowsky 
and Stauffer, loc. cit.) was cited in further support of this 
idea.
The salient features of unimolecular dehydrobrominations 
have been collated by Green, Harden, Maccoll and Thomas 
(J. Chem. Phys., 1953, 21, 1?8). In agreement with Brearley, 
Kistiakowsky and Stauffer (loc. cit.) they reported that the 
decomposition of tert-butyl bromide was unimolecular. Like 
Daniels and Veltman (loc. cit.) they found that chains played 
an appreciable part in the pyrolysis of ethyl bromide. They 
also said that further investigation had shown the supposedly 
heterogeneous, residual reaction in the decomposition of 
n-propyl bromide to be unimolecular.
Having established these facts, the authors gave the 
following findings about the unimolecular decompositions of 
alkyl bromides (i.e. reactions studied, if necessary, in the 
presence of cyclo-hexene to suppress free radicals). The 
non-exponential term for unimolecular dehydrobrominations
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is -vloH The experimental activation energies fall into 
three groups which can be correlated with the nature of 
the C-Br bond to be broken. The first group is that in 
which the C-Br bond is primary. In this set the activation 
energy is approximately $0 kilocals./mole. The bromides 
containing a secondary C-Br bond have activation energies 
for deconçiosition of about 46 kilocals./mole, vjhile the 
pyrolysis of tertiary bromides requires an energy of 
activation of about 42 kilocals./mole. They concluded 
that the strength of the C-Br bond is the major factor 
controlling the rate of decomposition.
Blades and Murphy (J.A.C.S. , 1952, 21» 6219) 
investigated the pyrolyses of ethyl-, n-propyl-, and iso­
propyl bromides in a flow system, using excess toluene as 
a carrier gas. They reported that all three pyrolyses 
yielded solely hydrogen bromide and olefin. Analysis of 
the reaction products gave no detectable amounts .of 
hydrogen, ethane, or dibenzyl. The reactions were all 
kinetically of the first order up to 7%  decomposition.
The authors concluded that all three reactions proceeded 
by unimolecular processes.
The published rate constant equations are in 
excellent agreement with those given by Maccoll and his 
co-workers. This quantitative agreement between results
— l8 —
obtained by a dynamic method, and those obtained by the 
conventional static method is gratifying. Unfortunately 
there are considerable discrepancies regarding the over­
all reaction mechanism in two cases. Several investigations 
of the decomposition of ethyl bromide (Fugassi and Daniels, 
loc. cit.; Daniels and Veltman, loc. cit.; and Green, 
Harden, Maccoll and Thomas, loc. cit.) have indicated that 
free radical processes occur to some extent. Similarly, 
Agius and Maccoll (loc. cit.) found that the pyrolysis of 
n-propyl bromide was largely a free radical reaction.
On the other hand. Blades and Murphy (loc. cit.) found no 
evidence for a mechanism other than an intra-molecular 
process. These differences may, however, be due to the 
different techniques which were anployed.
The dynamic method, which was largely developed by 
Swarc, has the effect of isolating the first step in the 
reaction. This isolation may lead to over-emphasis, 
because, at the higher temperatures at which the experiments 
are usually performed, a process of high activation energy, 
and high non-exponential term may swamp the reaction which 
proceeds at lower temperatures, where the rate of the over­
all reaction is measurable. Likewise, if very long chains 
are involved in the possible free radical mechanisms, the 
quantities of materials produced by side reactions would be
- 19 -
undetectable by normal analytical methods, since only a 
small fraction of the substrate would have split to form 
free radicals. It seems, therefore, that both 
interpretations may be correct in their own fields.
From this work it is clear that the broad outlines 
of the pyrolyses of alkyl bromides have been shaped.
Suitable conditions to obtain reliable data have been 
found, and some theoretical interpretations formulated.
The situation has not yet been finally resolved, and some 
of the more intimate features of the mechanisms have not 
been explored. Nevertheless, much interesting material 
has been discovered, and progress made.
A rapid survey of the thermal decompositions of 
various chloroethanes was made by Barton (Nature, 1946,
1574 6 2 6; J.C.S., 1 9 4 9? 148). This series of experiments,
although not intended to be a source of accurate rate 
measurements, gave valuable information about the influence 
of foreign gases on dehydrochlorination reactions. In a 
flow apparatus, constructed of "pyrex” glass, the pyrolysis 
of 12 2-dichloroethane into hydrogen chloride and vinyl 
chloride was studied. The author found that pure 
122-dichloroethane, by itself, underwent decomposition 
relatively slowly, but that a very rapid decomposition was 
induced by the presence of small quantities of oxygen or
— 20 —
chlorine, or with somewhat larger quantities of bromine.
Both modes of decomposition were reported to be sensitive 
to traces of inhibitors such as aliphatic alcohols or 
hydrocarbons, but whereas the non-induced reaction was 
slightly accelerated by packing the reactor with glass 
scrap, the induced reaction w^ as almost completely suppressed 
by this means. Extension of the experiments to other 
chlorinated ethanes demonstrated the significance of the 
structure of the reacting substrate. The compounds 
appeared to fall into two distinct groups with respect to 
the 'catalytic' efficiency of oxygen. Those compounds 
whose rate of decomposition was affected only slightly by 
added gases were those which would be formed in accordance 
with Markovmikow’s rule. They were l-chloro-, Izl-dichloro-, 
1:1:1:2-tetrachloro-, and pentachloro-ethane. On the other 
hand, the pyrolyses of the more symmetrical compounds, 
l:2-dichloro-, 1 :1 :2-trichloro-, and 1 :1 :2:2-tetrachloro- 
ethane, were affected profoundly. This phenomenon, in spite 
of rather altered ideas on the constituents of the group, 
can be attributed to a fundamental difference in reaction 
mechanism. This work was, however, performed under vastly 
different conditions from all the later research on 
dehydrochlorinations, thus its value in connection with 
these subsequent experiments tends to partake of the nature 
of negative proof.
— 21 —
A closer examination of the decomposition of 
1; 2~dichloro ethane was made by Barton and Howl et t (J.C.S., 
19 4 9, 155)* The new investigation was carried out by a 
static method in reaction vessels with carbon-coated 
walls. The fairly consistent results obtained showed 
several interesting features. Moderately reproducible, 
pressure independent, but temperature dependent, % 
induction periods were observed. A graph of log I.P. 
(where I.P. is the length of the induction period) against 
T “ (where T is the absolute temperature) gave a straight 
line, indicating that the induction periods could be 
treated as rates which were taken to correspond to the 
primary process.
Ethylene was shown to inhibit the reaction weakly, 
but both propylene and n-hexane were seen to be strong 
inhibitors, reducing the rate to the same minimum value. 
The degree of inhibition with propylene was found to 
depend, not on the propylene/1:2-dichloroethane ratio, 
but on the absolute amount of propylene present, the 
reaction remaining first order with respect to 1:2- 
dichloroethane. Packing the reactor showed the reaction
to be almost entirely homogeneous, and that most of the 
slight heterogeneity was due to the residual reaction.
From these results the natural conclusion was
- 22 -
drawn that this pyrolysis was non-induced, and almost 
entirely a chain reaction. From consideration of the 
energetics of tne system, the authors postulated a scheme 
involving a primary split into ethylene and chlorine 
molecules, and giving hydrogen chloride, chlorine atoms, 
and chlorohydrocarbon radicals by subsequent reactions. 
Later work (Howlett, Trans. Far. Soc., 1952, 48, 25) has 
shown that there is a more probable mechanism involving 
the direct production of chlorine atoms and chloroethyl 
radicals, but this does not vitiate the general conclusions 
of the earlier work. A mechanism was proposed for the 
reaction which occurs in the presence of propylene. This, 
too, has been modified in the light of further knowledge. 
Discussion of the inhibitory action of propylene suggested 
that the markedly different efficiencies of ethylene and 
propylene were significant, intimating that the reaction 
between the latter, and the radical species it was 
removing, was metathetical, and not additive.
Almost simultaneously Baldt and Cremer (Monatsh., 
1 9 4 9, 8 0 , 153) published entirely different results for 
the same reaction. At first sight it is difficult to 
comprehend such a deep division of opinion, but closer 
examination of the claims made by the two sets of authors, 
and of the basis of these claims makes the situation 
clearer.
- 23 -
Baldt and Cremer reported that the thermal 
decomposition of 1 :2-dichloroethane proceeded by a 
largely heterogeneous mechanism below 4l5®c, and by a 
homogeneous process above this temperature, since the 
Arrhenius plot was sharply segmented. This is in­
explicable theoretically. Another disquieting feature 
is that their published diagram does not even quite 
correspond with their tabulated rate constants. They 
reported that the velocity of reaction was uninfluenced 
by the addition of nitric oxide to the system, but that 
in two experiments the rate constants fell when the 
initial pressure was reduced below 80 mm. They therefore 
claimed that in the higher temperature range the pyrolysis 
of 1 :2-dichloroethane was a homogeneous, unimolecular 
reaction, illustrating the fall in specific rate at lower 
initial pressures arising from a breakdown in the Maxv.'ell- 
Boltzmann distribution of energy, predicted by the 
Lindemann-Hinshelwood theory of unimolecular reactions.
It is pertinent to enquire about the cause of 
these diametrically opposed views. Both investigations 
involved a static system, but with one major difference, 
whereas Barton and Howlett employed an all-glass pressure 
measuring device, Baldt and Cremer used a heated mercury 
manometer. As was pointed out by Howlett (Nature, 19$0,
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l6 5, 8 6 0) this latter might quite easily lead to a 
partially inhibited decomposition, assuming that the 
free radical interpretation is correct. This view is 
supported by the work of Fugassi and Daniels (loc. cit.) 
who reported that mercury vapour inhibits the analogous 
decomposition of ethyl bromide. It would also explain 
the discrepancies between the two sets of velocity 
constants. To confirm his views Howlett investigated 
the effect of mercury vapour on the reaction, and obtained 
positive evidence of inhibition.
This is the only difference in technique which can 
be established unequivocally by consultation of the 
relevant papers. For instance, from descriptions of an 
attendît to increase the heterogeneous component of the 
reaction at 430^0, by raising the surface/volume ratio 
of the reactor, it would appear that Baldt and Cremer 
were employing clean-walled apparatus, but, equally well, 
the use of product-fouled surfaces is implicit in their 
description of the unpacked reactor. Barton and Howlett 
specified that they were using a carbon-coated reactor. 
Similarly, Baldt and Cremer gave no indication of the 
purity of the 1 :2-dichloroethane used in the investigation.
In such confusion it is inqpossible to reach a firm 
decision. Under the circumstances it is possible to
—  25 —
envisage various combinations of opposing factors. The 
low values of the rate constants reported by Baldt and 
Cremer certainly suggest that an over-all inhibiting 
effect was in operation, and therefore Howlett*s suggestion 
is very possibly correct, although it is not completely 
irrefutable. Assuming that the reactions were carried out 
in carbon-coated reactors, this, or the alternative 
admission of an inhibitor with the reactant, seems to be 
the simplest explanation.
Likewise, a multitude of conflicting possibilities 
obscures the reason for the segmented Arrhenius plot. If 
the mercury vapour inhibition were being observed all the 
time, the apparent change of slope might have been due to 
the exhaustion of an additional inhibitor or accelerator 
during the later runs, or to a change in the state of the 
reactor surface, or to practically any other combination 
of these factors.
The choice of nitric oxide by Baldt and Cremer to 
show the presence of radical chains was probably unfortunate. 
There seems to be no definite evidence on this point, but it 
is quite likely that an acceleration caused by oxidation 
might mask any inhibiting effect of the nitric oxide 
(cf. -Daniels and Veltman, loc. cit.). Barton and Howlett, 
on the other hand, employed propylene as inhibitor, and
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this latter is free from this objection. It would seem, 
therefore, that the results of Baldt and Cremer are in 
error. It is important that this should be established, 
othervi^ ise it would be impossible to place any confidence 
in the results obtained for the numerous dehydrochlorinations 
which have been investigated by the all glass technique.
As a result of this conflict of opinion Howlett 
(Trans. Far. Soc., 1952, 2$) reinvestigated the thermal
decomposition of 1:2-dichloroethane. The high pressure
rates and induction periods, in agreement with the previous 
work by Barton and Howlett (loc. cit.), were shown to be 
invariant with pressure or the addition of hydrogen chloride. 
Below the critical pressure limit, which was not displaced 
by packing the vessel, the specific rate of the chain, but 
not of the residual reaction, was shown to fall, the 
induction periods to shorten, and the addition of hydrogen 
chloride to restore the rate constant to its high pressure 
value. Howlett therefore concluded that the fall in rate 
constant below 20 mm. was due to the failure of one of the 
unimolecular steps in the chain, and not to radical 
migration to the walls.
The detailed mechanism proposed by Howlett for the 
thermal decomposition of 1:2-dichloroethane is as follows
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C2H4C12 — C2H4C1^C1 (1 )
C2H4C12-C1 — CgHgClg^HCl (2)
C2H3C12 C^H^Cl-Cl (3)
2 4 HCI4.C2H3CI (4)
The author shov/ed that the application of the
steady state condition to this scheme predicted first 
order kinetics, in agreement with experiment. The 
velocity constants of the individual steps were adjusted 
to give quantitative agreement, at all temperatures, with 
the expression,
(kikgk^)i
( =)
( k4. )^obs. ~  ^ »
which was obtained by the analysis. Using these values 
of the velocity constants, the rate of build up towards 
the steady state was calculated by graphical integration 
of the simultaneous differential equations governing the 
concentrations of the radicals involved. From this 
calculation the time taken to reach the steady state was 
found, and shown to be in reasonable agreement with the 
experimentally determined induction period. This is 
certainly the most striking proof that induction periods 
in pyrolytic reactions may sometimes be due to a slow
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approach to the steady state, and not to the presence 
of inhibitors.
Having established the nature of the induction 
periods in this decomposition, Howlett demonstrated the 
true homogeneity of the reaction. The invariance of 
the induction period with surface/volume ratio disproved 
the possibility of chain initiation and termination on 
the walls of the reactor. These effects cancel out in 
the velocity constant expression, but reinforce each other 
in the approximate expression for the induction period,
i.p. - i
Other commendable features of this scheme are that 
all the radicals are accounted for, without the assumption 
of aubsidia.ry reactions, and that the scheme can be 
extended to all free radicsil decompositions of chloro- 
alkanes, without ambiguity. The operation of the chain 
terminating step in the mechanism postulated by Barton and 
Howlett (loc. cit.) is not clear when applied to the 
deconç)Osition of 1:1:1-trichloroethane (Barton and Onyon, 
J.A.C.S., 1 9 5 0» Zi, 988), or of 1:1:1:2-1etrachloroethane 
(Barton and Howlett, J.C.S., 1951, 2033), but this new 
reaction scheme obviates the difficulties. The inhibiting 
action of propylene was reinterpreted. The following
- 29 -
processes were suggested
C^ H^6 4- C2H2CI2  > C2H4.CI2 + (5)
G3H6 f  ^C^H^Cl 4- G3H5 (6)
When combined with the scheme for the uninhibited reaction, 
these steps lead to a rate expression which is first order 
with respect to 1:2-dichloroethane.
In marked contrast to the pyrolysis of 1:2-dichloro­
ethane the thermal decompositions of 1 :1-dichloroethane and 
ethyl chloride were reported by Barton and Howlett (J.G.S., 
1 9 4 9, 1 6 5) to be homogeneous, kinetically of the first 
order to well beyond $0% decomposition, uninhibited by the 
reaction products, or propylene, and free from induction 
periods. The authors felt that a unimolecular elimination 
was more in keeping with the facts than the alternative 
non-chain free radical mechanism.
Glearly, the evidence cited above for the 
unimolecular decompositions of 1 :1-dichloroethane and ethyl 
chloride is not absolutely decisive. Many reactions have 
been described as unimolecular, but later shown to be 
complex. The later work of Howlett (J.G.S., 1952, 3^95). 
does appear to substantiate the hypothesis in these cases. 
This second investigation amply confirmed the earlier work 
in the high pressure range. The extension of measurements
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to lower pressures displayed a critical pressure limit 
in both cases. The addition of hydrogen chloride, an 
’inert* gas in these reactions, was shown to restore the 
low pressure velocity constants to their high pressure 
values. 1:1-Dichloroethane was especially interesting.
Its critical pressure limit was at ca. 20 mm., thus 
making it possible to perform a really quantitative study 
of the low pressure region. In this case, as well as a 
fall in rate constant below the critical pressure limit, 
a rise in the kinetic order to about 1*5 s.t 1 mm. was 
noted. Although incomplete, this was inferred to be the 
change-over towards second order kinetics expected of a 
unimolecular reaction.
Having unequivocally established the unimole cular ity
of this reaction, Hov/lett was able to examine some of the
mathematical interpretations of this type of reaction.
The curvature of the graph of ^ against ^ (where k is the
k Po
observed initial velocity constant and po, the initial 
pressure), and the fact that the activation energy was 
pressure dependent at pressures below 20 mm. meant that 
the simplified treatment by Hinshelwood was not entirely 
in accordance with the experimental facts. The author 
then applied the very useful treatment of Rice and 
Hamsperger, connecting the transformation probability
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of an activated molecule with its energy in excess of 
the minimum required for reaction. Despite the 
restriction of the cd nc entrât ion of energy into one 
square term, this theory was shown to give a truer 
explanation of the facts.
Pritchard, Sowden and Trotman-Dickenson (Proc.
Roy. Soc. A., 1953, 212, 563) have criticised some of
Hewlett’s evidence and conclusions. They suggest that,
by suitable adjustment of the parameters, a Hinshelwood
plot can be made to fit the experimental curve of k
against p^. This, however, ignores the facts that the
energy of activation is pressure dependent, and that the
plot of r versus. 1 is non-linear. Both these results
^ k Po
are inexplicable by the simple Hinshelwood treatment, 
whereas they are precisely the phenomena to be expected 
from the Rice and Ramsperger theory. The final reason 
for considering that their adverse criticism is unwarranted 
is that Hov/lett was able to calculate all the parameters 
required by the Rice and Ramsperger treatment, not merely 
to accomodate them to fit the results.
Detailed discussion of examples of the two basic 
reaction types, which have been invoked to describe the 
experimental features of dehydrochlorinations, leads 
naturally to discussion of the factors controlling the mode
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of decomposition. Barton, Onyon and Howlett (Trans.
Far. Soc., 1949, M ,  733) surveyed the field of hydrogen 
chloride eliminations, and decided that there are three 
possible mechanisms in operation. These are, (1) hetero­
geneous decomposition on the glass surface of the reactor, 
(2) homogeneous unimolecular, and (3) homogeneous radical 
chain decomposition. With the experimental conditions 
under which these reactions are normally studied (1 ) is 
negligible, and can be omitted from the discussion. They 
stated that the unimolecular mechanism is of more universal 
application, but, given the appropriate structural 
conditions, a free radical mechanism may take precedence.
The conditions for this last type of reaction are that 
neither the reactant, nor the reaction products, shall be 
inhibitors for the decomp^osition. To understand these 
implications fully, it is necessary to consider the general 
chain mechanism proposed for these reactions. It proceeds 
as follows:
(a) Initiating steps which are kinetically of the first 
order and furnish, directly or indirectly, chlorine 
atoms.
(b) Attack of chlorine atoms on the substrate, producing 
hydrogen chloride and a chlorinated hydrocarbon 
radical.
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(c) Unimolecular decomposition of this radical to 
give a reaction product and a chlorine atom.
(d) Termination of the chain by a reaction between 
the chlorine atom and the radical produced by
(b).
This chain is easily applied to most free radical 
chlorohydrocarbon pyrolyses, but is not entirely free- 
from objections. Howlett (Trans.. Far. Soc., 1952, 25)
has pointed out the limitations of this scheme. These 
are the undefined removal of the radical produced as a 
by-product in step (a), and the operation of the 
termination step in the cases of 1 :1 :1-trichloroethane, 
and 1:1:1:2-tetrachloroethane. Hewlett’s modified scheme,
as given below, therefore seems to be preferable.
(i) Unimolecular decomposition of substrate to yield 
a radical (A) and a chlorine atom.
(ii) Bimolecular reaction between a chlorine atom and 
the substrate, producing hydrogen chloride and a 
radical (B).
(iii) Unimolecular decomposition of (B) to give a further 
chlorine atom and a reaction product.
(iv) Termination of chain by a reaction between a 
chlorine atom and radical (A).
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In spite of this change in the detailed 
formulation of the mechanism, it is possible to apply 
the arguments of Barton, Onyon and Howlett as they stand, 
since the chain propagation steps are unaltered. It is 
obvious that some of the olefins produced by these reactions 
are powerful chain suppressors, so inhibition by the 
products requires no further explanation. Inhibition by 
the reactant is, however, more subtle, and requires more 
careful thought. By analogy with the gas phase 
chlorination of ethyl chloride and Is1-dichloroethane it 
was assumed that the chlorine atom preferentially attacked 
positions octo the chlorine atoms which were present in the 
substrate, thus giving rise to the 1-chloroethyl and 
1 si-dichloroethyl radicals respectively. On the other 
hand, 1 :2-dichloroethane must, from structural reasons, 
yield the 1:2-dichloroethyl radical. Now this radical, 
unlike the first two, is capable, merely by breaking one 
bond, of producing a chlorine atom and a stable olefin.
The 1-chloroethyl radical is, by similar reasoning, a 
’dead* radical. There is therefore little tendency for 
ethyl chloride to decompose other than by the unimolecular 
reaction. This type of reasoning can be applied to any 
chloroparaffin, and its mode of decomposition predicted.
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The accuracy of these predictions that link mode 
of decomposition with structure has been well substantiated 
For example, the following decompositions have been proved 
to proceed via the unimolecular process, 1:1-dichloroethane 
and ethyl chloride (Barton and Howlett, J.C.S. , 194-9, l65; 
Howlett, J.C.S. , 1 9 5 2, 3695), tert-butyl chloride (Barton 
and Onyon, Trans. Far. Soc., 1949, 4^, 725), iso-propyl 
chloride (Barton and Head, Trans. Feir. Soc., 1950, 46, 114; 
Howlett, J.C.S., 1 9 5 2, 3695), l:2-dichloropropane (Barton 
and Head, loc. cit.), n-propyl chloride (Barton, Head and 
Williams, J.C.S., 1951, 2039; Howlett, J.C.S., 1952,
4487), n-butyl chloride (Barton, Head and Williams, loc. 
cit.), 2:2-dichloropropane (Howlett, J.C.S , 1953, 945), 
and (-)-menthyl chloride (Barton, Head and Williams,
J.C.S., 1 9 5 2, 453).
Several reactions demonstrate the expected chain 
decomposition. They are the pyrolyses of 1:2-dichloro­
ethane (Barton and Howlett, J.C.S., 1949, 155; Howlett, 
Trans. Far. Soc., 1952, 48, 25), 1:1:1:2- and 1:1:2:2- 
tetrachloroethane (Barton and Howlett, J.C.S., 1951, 2033), 
1:4-dichlorobutane and 1:1:2-tri chloro ethane (Williams, 
J.C.S., 1 9 5 3, 1 13), and 2:2'-dichlorodiethyl ether (Barton, 
Head and Williams, J.C.S., 1951, 2039). It is interesting
- 36  —
to note that, although the complex kinetics of the last 
reaction precluded a very intimate study of the chain 
process, it was found that the chains were terminated, 
at least in part, on the walls of the reaction vessel.
As was mentioned earlier, there is, in principle, 
no limitation on the unimolecular elimination reaction.
The two modes of reaction might, therefore, in certain 
cases, proceed simultaneously in competition. This 
state of affairs has been observed in practice, and is 
exemplified by the decomposition of 1 :1 :1-trichloro ethane 
(Barton and Onyon, J.A.C.S., 1950, £2, 988), and of 
1 :1-dichloropropane (Howlett, J.C.S., 1953» 9^5)# The 
dichotomy of mechanism in these cases probably arises 
because the products are rather weak inhibitors of chain 
reactions. The decomposition of 1:1:1-trichloroethane 
is another example of a chain reaction in which the 
termination step occurs at the reactor walls to some 
extent. This is manifested by the lengthening of the 
induction periods, and the diminution in the specific 
reaction rate which is brought about by increasing the 
surface/volume ratio of the reactor.
The extensive investigations of dehydrochlorinations 
described above have thrown considerable light on this
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formerly obscure field. It is now possible to make 
theoretical predictions about the general features of 
decomposition from knowledge of the structure of the 
substrate. There are, however, several points which 
still require elucidation. Among these is the possibility 
of a second elimination of hydrogen chloride from a 
polychlorohydrocarbon.
Long term kinetic runs on polychloroalkanes gave 
pressure increases in excess of 100%, unlike similar 
experiments performed on monochloroalkanes, which showed 
a pressure increase of almost exactly 100%. Since the 
time taken to increase the pressure to 12% ,  say, was very 
great compared with the half-life of the initial reaction, 
the rate of the second elimination of hydrogen chloride 
was assumed to be negligible, in comparison with the rate 
of the first elimination. For the purpose of calculating 
rate constants the occurrence of the consecutive reaction 
was disregarded. -
Howlett (Thesis, London, 1948) performed a very few 
experiments on the decomposition of an unpurified specimen 
of trichi0r0ethylene. Pressure measurements, and hydrogen
chloride determinations, both showed that the rate of this 
decomposition was much lower than the rate of decomposition
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of the tetrachloroethanes from which trichloroethylene 
is obtained pyrolyticadly. There was, however, no 
reliable correlation between the pressure increases and 
the analytical results. Nevertheless, positive evidence 
for the formation of dichloroacetylene was forthcoming.
A small quantity of crystalline material was isolated 
from the stopcocks and the adjacent vacuum line after the 
performance of many kinetic runs on 1 :1 :1 :2-tet rachloro ethane, 
and was designated as hexachlorobenzene on m.p. evidence. 
Barton (Thesis, London, 1942) measured the volume of vinyl 
chloride produced by flow experiments on 1 :2-dichloroethane, 
and found little indication of décomposition of this reaction 
product, but these were doubtless glass catalysed reactions, 
and do not, therefore, have direct bearing on the main bulk 
of kinetic work reported. No systematic physico-chemical 
work on the pyrolysis of chloroalkenes has been reported.
It seems desirable, therefore, to subject these compounds 
to kinetic analysis in order to confirm or reject the 
above views on the relative rates of pyrolysis of saturated 
and unsaturated chlorohydrocarbons.
It was also hoped that this study might be a source 
of novel preparative methods for organic compounds. For 
example, it was thought that allyl chloride might give
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aliéné, or its isomer, methyl acetylene, both of which 
are compounds that are not readily prepared by the normal 
methods of organic chemistry. The instability of allene 
is well known, and, failing all else, it was thought that 
useful chemical data about the effect of heat on this 
diene would be compiled.
These reactions have other interesting features. 
Recently Slater (Phil. Trans. A., 1953, 246, 57; Proc.
Roy. Soc. A., 1953, 2l8. 224) has published a new 
treatment of unimolecular reactions, in which molecular 
size restricts the possibility of decomposition by a 
unimolecular process. To elucidate this point a short 
résumé of the history of unimolecular reactions is 
required.
The first reasonably satisfactory explanation of 
unimolecular reactions was given by Hinshelwood's extension 
(Proc. Roy. Soc. A., 1926, 113. 23O) of Lindemann's original 
suggestion (Trans. Far, Soc., 1922, 12, 59®)* This idea 
still appears to be correct in essentials. The suggestion 
was made that in a gas activation occurred by collisions, 
and an equilibrium between normal and activated molecules 
was virtually set up. The rate of reaction was 
proportional to the concentration of activated molecules
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and a steady state of the follovâng type was set up.
activated molecules (a^ )^ 
normsJL moTecules (a) Products
ki, k2, k; being rate constants for the steps indicated. 
This leads to a rate equation of the form
1 a
If the time between activation and reaction is
large compared with the time between collisions, this
expression reduces to an over-all first order process,
but, if the rate of reaction is of much greater magnitude
than the rate of deactivation, the reaction will show
second order kinetics. In a unimolecular decomposition
these limiting conditions may be observed when the initial
pressure (p^) of the reacting gas is varied from h^i to
low values. This type of behaviour has been observed
qualitatively for several gaseous decompositions. This
simple theory has, however, severe quantitative limitations.
These are that the velocity constants do not always fall
off as rapidly as is calculated, nor are the experimental
graphs of ^ against ^ invariably linear, and the 
k po
lowering of activation energy with decreasing initial pressure,
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which is sometimes observed experimentally, is not 
predicted.
Extensions of this simple theory were proposed 
independently by Rice and Ramsperger (J.A.C.S., 1927, 42, 
1617), and by Kassel (J. Phys. Chem., I928, 32, 225).
Both treatments were classical, and expressed the 
transformation probability of an activated molecule as a 
function of its energy in excess of the minimum energy 
required for the reaction to occur, and the location of 
the energy vi/ithin the molecule (i.e., these authors 
discarded the notion that is a single constant applicable 
to all activated states regardless of their internal energy), 
The difference between these two later theories lies in the 
number of square terms in which the energy is to be 
accumulated. The Rice and Ramsperger treatment involves 
one square term, and the Kassel treatment two. This latter 
is easier to interpret pictorially, but, as Kassel has 
pointed out (Kinetics of Homogeneous Gas Reactions, Chem. 
Catalogue Co., 1932), the quantitative difference between 
the two treatments is too slight to be susceptible to 
experimental investigation. A succint account of the 
physical picture, and the assumptions on which this kind
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of theory is based, was given by Kassel himself (Chem. 
Rev., 1932, 10, 1 3). He said, "An activated molecule 
is one whose total internal energir exceeds some limit, 
appropriate to the reaction in question; such molecules 
decompose spontaneously at rates which may be a function 
of their total energy. The activated molecules are 
produced at collisions. To calculate the rate at which 
they are produced, it is assumed that at every collision 
the internal energy of the two molecules is redistributed 
without regard to its former partition; then it can be 
calculated without uncertainty that only a negligible 
fraction of activated molecules will survive a collision. 
It is then assumed that the rate at which collisions 
produce activated molecules is equal to the rate at which 
they would destroy them, if the Maxwell-Boltzmann quota 
were maintained. It is never quite maintained, since 
some activated molecules are lost through reaction, but 
the maintenance is better the higher the pressure. It 
is only necessary to make precise assumptions about the 
energy states in which the molecule in question can exist 
and the specific rates of those which are activated, in 
order to calculate the rate of reaction at any temperature 
and pressure."
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The application of such a treatment to an actual 
reaction is not, however, quite so simple. The great 
limitation of the theory is the impossibility of 
calculating the non-exponential term in the absence of 
any experimental kinetic data. This short-coming is 
due to the fact that there is no a priori method of 
determining s, the number of classical oscillators 
which are effective in storing the necessary energy.
The value of s is always estimated from the experimental 
data, and values varying from the minimum (1), as in the 
isomérisation of maleic acid (Kistiakowsky and Nelles, 
J.A.C.S., 1 9 3 2, 2208), up to almost the maximum
possible, as in the pyrolysis of ethyl chloride (Howlett, 
J.C.S., 1 9 5 2, 3695)5 have been invoked in reactions which 
appear to be unimolecular. This experimental estimation 
of both the non-exponential term and the number of 
effective oscillators makes it possible to apply a 
localised energy theory to reactions involving molecules 
of very varied complexity. For example, Ramsperger 
(Chem. Rev., 1932, 10, 2?) has discussed this type of 
mechanism in the decompositions or rearrangements of 
such diverse molecules as nitrous oxide, azoisopropane 
and (-v)-pinene.
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These theories do not make any definite restrictions 
on molecular size, but the existence of many degrees of 
freedom in the substrate is tacitly expected; as 
Hinshelwood has written (Ann. Rep. Chem. Soc., 1927, ]A,
3 2 6), "it is significant that all - i.e., the known 
reactions of this type - involve molecules of fairly 
complex structure, for which a time lag between activation 
and reaction is not improbable a priori." Although this 
statement strictly refers to the simple treatment of 
unimolecular reactions, it is patently obvious that it is 
just as true of the localised energy theories, since the 
same reaction model is used in all three cases. Despite 
this appreciation of the probable limitation of the 
unimolecular process to complex molecules, the first order 
decomposition of such a simple molecule as fluorine dioxide 
(Frisch and Schumacher, Z. Physikal. Chem. B., I9 3 7, 3%) 
has been discussed from the stand-point of the modified 
Lindemann mechanism.
A more general classical treatment has been developed 
by Slater (Proc. Camb. Phil. Soc., 1939? 35? 56; Proc. Roy. 
Soc. A., 1 9 4 8, 1 9 4. 112). These papers were concerned with 
the rate constants of unimolecular reactions at high 
pressures, and defined the dissociation model of the molecule
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It was postulated that dissociation occurred when a
particular internal coordinate of the molecule, ,
attained a critical value, %o. The rate of the reaction
was then calculated by finding the frequency with which
the normal vibration frequencies of the molecule combined
in such a way as to make  ^' %o. Since a classical
harmonic model was employed, there was no change in energy
distribution or phase between collisions, and a rate
-S/RT
constant of the form k" 1/ e , where 1  ^is a weighted 
mean of the normal vibration frequencies (and thus 
invariably of the order 10^3 secr^) was obtained* Although 
in its first form this treatment was only applicable to high 
pressure rates, it was a great advance on any of the earlier 
theories, since it gave a method of calculating the non­
exponential factor in terms of experimentally accessible 
parameters of the non-reacting molecule.
The usefulness of this approach was considerably 
increased in later papers (Slater, Phil. Trans. A., 1953» 
246, 57; Proc. Roy. Soc. A., 1953j 22^, 224) which 
extended the treatment to the consideration of the decline
in rate constant with decreasing concentration below the
critical pressure region. The general conclusions drawn
E
were, that for fixed values o f  , molecular weight,
RT
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and collision diameter (the first of these being the 
most important owing to its greater susceptibility to 
change), the more complex the molecule, the lower will 
be the critical pressure limit. Also, the decline of 
rate constant in the low pressure region is much less 
rapid with complicated molecules. in particular, aiater 
found for 'typical' molecules of molecular weight = 50» 
collision diameter = 5 x 10'^ cm., T - 700° K, -40,
XU?
and iv=5 X 10^3 gea^ .( say), the fully developed first 
order constant for a unimolecular process will be shown 
at pressures below 2 atmos. only if the number of normal 
modes, n, is at least 10 - 12. If, however, ^/rt > 40, 
would be found for smaller values of n. Thus molecules 
containing at least 6 atoms are, according to this theory, 
the only ones likely to be capable of showing fully 
developed unimolecular rate constants at normal experimental 
pressures.
Although all the earlier theories of unimolecular 
reactions implicitly incorporated complex molecular 
structure in the reaction model, they contained two 
experimentally determined parameters, the non-exponential 
term and the number of oscillators which are effectively 
storing the necessary energy, and, since the position of
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the critical pressure limit is a function of these two 
interdependent quantities, the earlier treatments are not 
capable, when applied to a particular reaction, of enforcing 
the condition of complexity. In Slater*s theory both the 
non-exponential term and the number of normal modes 
contributing to n are calculated without recourse to 
experiments involving reaction, and the restriction on 
molecular size becomes explicit.
It was, therefore, thought to be of interest to 
examine Slater*s conclusions about small molecules. For 
this purpose the hexatomic molecules trichloroethylene, 
and cis- and trans-1:2-dichloroethylene were selected.
Thus there are ample reasons for undertaking a 
systematic, physico-chemical investigation of the gas 
phase dehydrochlorinations of the chloroalkenes.
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Experimental
Apparatus and Technique.
In general the kinetic measurements reported in 
this research were made by a static method. A flow 
apparatus, constructed primarily to perform product 
analyses, was, however, used to measure velocity constants 
dynamically, where possible. These quantitative flow 
experiments helped to confirm the mechanistic likeness of 
the dehydrochlorination process under different experimental 
conditions.
The static apparatus, essentially similar to that 
described by Barton and Howlett (J.C.& , 194$, 155)j is 
illustrated in Fig. 1. The system was constructed 
throughout in pyrex glass. An all glass pressure measuring 
system was preferred to a mercury manometer, to prevent 
mercury vapour from entering the reactor. Fugassi and 
Daniels (loc. cit.) have reported that the decomposition of 
ethyl bromide is inhibited by mercury vapour, and the 
anomalous results for the pyrolysis of 1 :2-dichloro ethane 
reported by Baldt and Cremer (loc. cit.) were probably due 
to this effect. The results reported here are, therefore, 
free from any ambiguity due to this factor.
Kw
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Two reaction vessels were employed. They were 
both tubes of approximately 30 cm. length, and 2*8 cm. 
diameter, but one was packed with pyrex tubing of known
surface area. The surface/volume ratios of the "empty"
-1 -1
and "packed" vessels were ca. 2 cm. and 22 cm., and
their volumes were 19O ml. and I35 ml., respectively.
A connection of narrow bore tubing joined the reactor
to a Bourdon gauge of small volume (ca. 1 ml.). From
this line connections to stopcocks provided entry for
the reactant from a reservoir and exit to the pump. The
connecting tubes, stopcocks, and the outer jacket of the
spoon gauge were all heated to about 200^0 by ni chrome
wiring. The volume of this external system has been
estimated at about 2-3% of the packed (i.e., the less)
reactor volume. It is well known that dehydrohalogenations
do not yield reproducible results when attempts are made
to perform them over clean glass surfaces (cf. Brearley,
Kistiakowsky and Stauffer, loc. cit.; Howlett, Thesis,
London, 1948). This is due to the occurrence of a
heterogeneous reaction on the glass surface of the reactor.
This mode of decomposition is much faster than the purely
gas phase pyrolysis, but it can be suppressed by the
formation of a coherent, carbonaceous film on the walls
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of the reaction vessel. This layer is deposited after 
many experiments have been carried out in the reactor, 
and is probably formed by complex polymerisation or 
cracking reactions of olefins. This effect was not 
investigated in this research; all measurements were 
made in carbon-coated vessels, but the sensitivity of 
the film to traces of oxygen (see Introduction) was 
observed. If air had been admitted to the reactor, 
erratic results were invariably obtained for some time 
afterwards. These results were always neglected.
A telescope with a graduated eyepiece was used 
to observe the movement of the pointer attached to the 
spoon gauge. In no case was the course of the reaction 
followed by pressure changes (see appropriate Results 
section), but the initial concentrations of the 
reactants, and of any inhibitors or accelerators, were 
found by pressure measurements. These measurements 
were converted to concentration units by application of 
the perfect gas laws. As all the reactions were studied 
at low pressures, and at temperatures well above the 
critical points of the reactants and additives, these 
simple laws were quite adequate. The highest critical 
temperature of the compounds used is probably at least
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100° below the temperature of any of the measuronents.
Two methods of pressure measurement were employed.
The external jacket of the gauge was connected to a 
mercury manometer in which a compensating pressure could 
be set manually. The usual technique was to calibrate 
the movement of the pointer across the telescope scale 
against the compensating pressure. All the guages which 
were employed gave deflections that were linear with the 
pressure difference across the diaphragm. The sensitivity 
of the gauges was, therefore, calculated very simply, and 
the pressure of reactant in the system was found from the 
difference between the final and initial readings of the 
pointer on the telescope scale. In experiments starting 
from high initial pressures of reactant a different 
technique was employed. A known compensating pressure 
was set, and the gauge was used as a null-point instrument. 
The gauges were found to maintain constant zeros over 
periods of weeks. No fluctuations of zero due to 
temperature effects were observed, since the spoon gauges 
were always maintained at the temperature of the heating 
coil, regardless of changes in the furnace temperature.
Between the spoon gauge and the taps which 
controlled the compensating pressure was a mercury cut-off.
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This was so arranged that any leakage in the external 
system was not transmitted to the gauge. When direct 
connection between the spoon gauge and the manometer was 
required, the mercury was drained from the cut-off.
This device prevented much accidental damage to the 
gauges.
The reactor was enclosed in an outer jacket 
containing about 20 ml. of sulphur. Gas heating boiled 
the sulphur, and the vapour formed under steady refluxing 
conditions under nitrogen provided the thermostatic 
control. The boiler was connected to a mercury manometer 
which was protected from sulphur vapour by a bulb containing 
copper turnings. The pressure reading on this manometer, 
under equilibrium conditions, was equivalent to a 
thermometric reading. Stopcocks on the line from the 
boiler to the manometer provided access to the vacuum line, 
or for the admission of nitrogen. The elementary 
substance, sulphur, was used for the bath liquid because 
all measurements were made over considerable periods at 
high temperatures, and it was already known (Howlett,
Thesis) that this material, under these conditions gave 
adequate temperature control. Howlett had found that the 
temperature could be kept constant to while Onyon
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(Thesis, London, 194-9) has reported tençierature control 
to 0-1° using this method. The vapour pressure - 
temperature data for sulphur were taken from West and 
Menzies (J. Phys. Chem., 1929, 32» l88o). The furnace 
lagging of asbestos and glass wool was electrically 
heated by nichrome wiring. The current in the spiral 
heating element could be varied by a rheostat, and was 
of such a value that the reactor was kept at a 
temperature some degrees below the desired working 
temperature, when electrical heating alone was used.
Thus the effective thermostatic control was exercised 
by the gas burner, and this helped to avoid super­
heating of the sulphur vapour.
There were two other stopcocks on the vacuum line 
between the reactor and the cold trap which protected 
the pumping system. One connected with a $ ml. trap 
which was used for the condensation of reaction products, 
and the other joined a subsidiary reservoir to the 
system. This was used for storing volatile liquid 
inhibitors or accelerators. The only gaseous inhibitor 
employed, propylene, was stored between the mercury cut­
off and the taps controlling the compensating pressure 
for the spoon gauge. Reactant and addition agent traps
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were kept in baths of acetone and solid carbon dioxide, 
or in liquid air between experiments.
The pumping system consisted of a mercury vapour 
pump backed by a mechanical oil pump. This produced a 
vacuum of 0*005 mm. of mercury, or better. The pressure 
in the vacuum line could be measured by means of a Gaede 
vacuoscope.
All taps which were heated, or which cane in 
contact with reactants or products, were lubricated with 
a silicone high vacuum grease. Cold junctions were 
lubricated with Apiezon vacuum grease M.
The two stopclocks were checked against standard 
(B.B.C.) time, and were found to be accurate to 1 part ^00, 
or better, over all stages of spring tension.
If not in use for a lengthy period, the apparatus 
v/as filled with hydrogen to prevent damage by oxidation to 
the lining of the reactor. When not needed for a matter 
of days, the reaction vessel was left with a moderate 
pressure of reactant inside. Before any glass blowing 
operations were attempted, the apparatus was first filled 
with nitrogen rather than air. Before performing a 
series of runs on any day, the reactor was rinsed out 
several times with a little reactant vapour.
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As attempted correlations between pressure 
changes and product determinations were found to be 
unsatisfactory a standard procedure, by which the course 
of reaction was followed analytically, was adopted. A 
typical kinetic ’run* was performed as follows. The 
reactor was pumped out until the vacuoscope recorded a 
pressure of less than 0 *0 0 5 nun., the tap to the vacuum 
was closed, and the stopclock, which had been pre-set to 
minus 10 seconds, started. The tap from the reactant 
reservoir was opened carefully, and the desired amount 
of vapour admitted as quickly as possible. It was 
possible to set the initial pressure to within 2- ^  of 
any chosen value, except at very low pressures where 
errors of the order of up to 5% were made. Some time 
before it was wished to stop the run, a small trap 
containing up to ml. distilled water was attached to 
the apparatus. The trap was cooled in liquid air, 
evacuated, isolated from the pumping line, warmed to 
above the ice-point to expel dissolved air, refrozen, 
and evacuated again. At about 10 seconds before the 
chosen time the main stopcock to the pumping system was 
turned off, and, at the selected time, the tap from the 
reactor was opened quickly. After a further 30 seconds.
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the stopcock from the product trap to the vacuum line 
was closed, and the main tap to the pumps was reopened. 
Normally, the reactor was left to pump out until the 
next run was to be started. Finally, the product trap 
was warmed to room temperature, detached from the 
apparatus, its contents washed carefully into a small 
flask and then titrated with 0*01N. sodium hydroxide, 
using screened methyl red as indicator. This technique, 
with suitable modifications for experiments performed in 
the presence of inhibitors, etc., was employed throughout 
this research.
The flow apparatus, illustrated in Fig. 2, was 
also constructed entirely in pyrex glass. The reactor 
was a spiral of length 20 cm., and internal diameter 
0*7 cm. It had a volume of 45 ml., and the surface/volume 
ratio was ca. 6 cmT^. This vessel was enclosed by an 
aluminium block furnace, approximately 20 cm. long by 
10 cm. diameter, which was heated with nichrome heating 
tape. The current in the tape could be varied by a 
rheastat placed between the coil and the mains electricity 
supply. The whole furnace was thermally and electrically 
insulated by asbestos. This arrangement held the 
apparatus at a temperature slightly lower than was desired. 
Additional heating was supplied by a gas burner which
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heated the base of the block. In effect, the manually 
operated gas burner was used for thermostatic control.
For short term experiments the temperature was constant 
to ^1^, but over very long periods the control was no 
better than ±5^* These latter experiments were, 
however, chiefly designed for the collection of reaction 
products on a large scale, rather than for accurate 
kinetic work, so the rather large temperature fluctuations 
were not important. The temperature was measured by 
means of a bas e-metal thermocouple which was screwed into 
the top of the block, the thermo junction being placed 
inside the reactor spiral. The instrument was calibrated 
at O^C and at 444*5^C, the b.p. of pure sulphur, and 
against a mercury in glass thermometer over the temperature 
range 20-300^0. The temperature scales did not show any
difference of greater than 1^ over the range studied.
The rate of flow of the carrier gas was measured by 
an oil flow-meter. The meter consisted of 1*7 of
capillary tubing of internal diameter 1 mm. The pressure 
difference across the ends of the capillary was measured 
by a manometer filled with a low vapour pressure Apiezon 
oil. The instrument was calibrated by blowing air through 
the flow-meter, and collecting the gas over water in a 
graduated cylinder. From the volume of air collected in a
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given time for various pressure differences, the rate 
of flow corresponding to any particular meter reading 
was calculated. Over the useful range of the instrument 
the rate of flow was directly proportional to the pressure 
drop across the capillary tube. The experimental results 
are given in Table 1.
Table 1.
Pressure 
Difference 
(cm. )
Volume 
of air 
(ml.)
Time
(min)
Bate of 
flow 
(ml./rain)
Rate of flow/cm.
difference 
.(ml./min./cm.)
4-8 2 0 .5 1 2 0 .5 4 .2 6
4*8 20*5 1 2 0 .5 4 .2 6
4.8 21.0 1 21.0 4 .3 7
4.8 20.0 1 20.0 4 .1 6
5 .0 2 3 .0 1 2 3 .0 4 .0 6
8*4 68*0 2 3 4 .0 4.04
11*4 9 9 .0 2 4 9 . 5 4 .3 4
2 4 .9 1 0 5 .0 1 1 0 5 .0 4 .2 2
33-3 140.0 1 140.0 4.20
Although this calibration refers to the passage of 
air through the meter, the results can be applied to the 
passage of nitrogen without serious error, since the 
viscosities of air and nitrogen differ by only 3% at
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2 0±30C (Partington, Advanced Treatise on Physical 
Chemistry, Longmans, 1949? p. 857)* The laboratory 
temperature remained within these limits throughout 
the experiments.
During a dynamic run commercial "oxygen-free" 
nitrogen was passed through a silica tube containing 
copper turnings which were heated to redness by multiple 
gas burners. This final purification was to remove the 
last traces of oxygen from the carrier gas. The hot 
gas was then cooled by a spiral water condenser, and 
passed through the flow-meter, whence it was passed to 
the furnace, either through the reactant trap or via a 
by-pass tube. The gases issuing from the furnace were 
cooled by a second spiral water condenser before being 
bubbled through the absorption traps. The reactant 
trap, which could be maintained at any desired temperature 
by means of a water bath, was joined to the rest of the 
apparatus by ground glass joints to facilitate its 
detachment for weighing purposes. Stopcocks were placed 
so that the reactor could be completely isolated from the 
rest of the system if necessary. The lubricant for the 
taps nearest to the furnace was a silicone, high vacuum 
grease, all other taps and joints were lubricated with 
Apiezon grease M. All rubber to glass connections were
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sealed with collodion flexile.
Before any measurements were made, a carbonaceous 
film was deposited on the walls of the reaction vessel by 
repeatedly decomposing tert-butvl bromide in the reactor. 
This was done to make the conditions comparable to those 
under which the static experiments were performed.
The method of operating the apparatus was as 
follows. "Oxygen-free" nitrogen from a cylinder was 
passed throu^ the purifier, flow-meter and furnace, by­
passing the reactant trap, and finally tlirough a series 
of Dreschel bottles which contained the appropriate 
absorbents. The rate of flow was set at a slightly 
higher value than that at which it was intended to 
perform the run. Any air in the apparatus was removed 
by this procedure. The reactant trap and its contents 
were thoroughly swept out with nitrogen, weighed, and 
attached to the apparatus. The stopcocks on the trap 
were opened, the clock started, and the tap on the by­
pass line closed. The increased resistance to passage 
of gas automatically reduced the rate of flow to the 
desired value. During the course of the experiment the 
nitrogen flow was kept at a constant rate by adjusting 
the needle valve on the cylinder head as required. At 
the end of the experiment the by-pass tap was opened.
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the taps on the reservoir were shut, and the clock was 
stopped. The rate of flow of the carrier gas was 
reduced to the value at which the experiment had been 
performed, and the gas was allowed to sweep out the 
reactor, and the dead space in the absorbent traps for 
15 minutes. The reactant trap was reweighed, and the 
contents of the product traps analysed. These results, 
together with the rate of flow of the carrier gas (with 
due allowance for measuring this rate at room temperature 
and passing the gas through the furnace at the 
temperature of the decomposition), and the length of 
time for which the experiment had been running, were 
sufficient to calculate the rate constant of the pyrolysis 
under consideration.
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Materials
Preparation of Allyl Chloride.
Allyl chloride was prepared in batches of about 
lOOg. from allyl alcohol by the cuprous chloride- 
hydrogen chloride method (cf. Vogel, Textbook of Practical 
Organic Chemistry, Longmans, London, 1948, p. 276).
After separation from the reaction products, the allyl 
chloride was dried over calcium chloride, and twice 
distilled through a 15 in. Dufton column. Both times 
the fraction boiling over a range of 0*1^ was collected.
Purification of Trichloroethylene.
Commercial trichlor0ethylene was purified by 
repeatedly shaking with concentrated sulphuric acid until 
no further colour was produced. The material was washed 
once each with water, sodium bicarbonate solution and 
water. The liquid was dried over calcium chloride, and 
twice fractionated using a 15 in. Dufton column. The 
fraction accepted had a boiling range of less than 0*1^.
Purification of the Dichloroethylenes.
Commercial 1;2-dichloroethylene containing a 
mixture of the geometrical isomers was purified by shaking
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four times with concentrated sulphuric acid, twice 
with water, once with aqueous sodium bicarbonate, and 
finally with water again. The wet material was dried 
over magnesium sulphate. The cis and trans forms 
were separated by fractional distillation using a 2 ft. 
column packed with Fenske helices, and fitted with a 
variable take-off still head. The reflux ratio was 
adjusted to be about 10:1. The first distillation 
gave a rough separation of the two forms. Subsequent 
distillations of the appropriate fractions gave 
specimens of both the cis and the trans isomers which 
boiled over a range of less than 0*1°. One specimen 
of trans-1:2-dichloroethylene was further purified by 
fractional crystallisation in a bath of acetone and 
solid carbon dioxide using a sulphur dioxide vapour 
pressure thermometer.
Physical Constants.
Boiling points, densities and refractive indices 
have been determined, and are tabulated along with the 
values quoted in the literature. The refractive index 
of allyl chloride v/as determined by means of an Abbé 
refractometer, all other refractive indices were 
measured on a Pulfrich refractometer. The freezing point
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of trans-1:2-dichloro ethyl ene was found, and vapour 
pressure-temperature data for both the 1:2-dichloroetliylenes 
obtained with an isoteniscope. In addition, the 
magnetic susceptibilities of cis- and trans-1; 2-dichloro- 
ethylene were kindly determined by Dr. V.C.G. Trew using 
a modified Gouy balance method (cf. Trew, Trans. Far. Soc., 
1 9 5 3, £2, 604).
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Physical Constants of Allyl Chloride♦ 
Boiling Point.
Lecat Rec.Trav.Chim.,I9 27,46,242 b.p. 760 45.70
Lecat Tables Azeotropiques, 
Brussels, I949 b.p. 760 4 5 .1 5
Timmermans and 
H ennaut - Ho 1 and J .Chin.Phys.,1 9 3 2,29 ,536 b.p. 760 4 5 .1
Andrews and Kepner J.A.C.S.,1948,20,3456 b.p. 760 45*0
Evans and Hamman Trans.Far.Soc.^1951,47,25 b.p. 760 4 5 .0
Timmermans Bull.Soc.Chim.Belg.,1911? 
2i ,3 0 0 b.p. 760 44 '6
Hatch and Alexander J.A.C.S.,1949,21,1037 b.p. 760 4 4 .3
Schiff Ann.,1 8 8 3,220,98 b.p.756.2 44.9
Smith Z .Phys ik.Chem.,I918/19,
23,63 b.p.756.;2 44.9
Juvala Ber.,1930,63,1991 b.p. 754 4 4 .8
Hatch and Estes J.A.C.S.,1 9 4 5 , ^ ,1 7 3 0 b.p. 751 44.9
Bruhl .ton.,1 8 7 9,200 ,139 b.p. 744 44.6
This determination b.p. 760 45-0
Density. .
Nozaki and Ogg J.A.C.S.,1942,64,697 0.9379
Timmermans and 
Hennaut-Holand loc.cit. 0 .9 3 7 6 4
Groll and Hearne Ind.Eng.Chem.,1 9 3 9,3 1 ,1 5 3 0 0.9374
Juvala loc.cit. d| 0  0 *9 2 6 7
This determination Not determined
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Refractive Index.
Hatch and Alexander loc.cit. 1.4109
Nozaki and Ogg loc.cit. ngO 1 .4 1 5 3 8
Groll and Heame loc.cit. n20 1 .4 1 5 1
Juvala loc.cit. 1.40950
Andrews and Kepner loc.cit. 1 .4 1 5 8
Timmermans and Hennaut-Roland loc.cit. 1 .4 1 8 8 3
This determination
4 ^ 1*4137
Physical Constants of Trichloroethvlene. 
Boiling Point.
Veley Proc.Roy.Soc.B..1 9 1 0.8 2 .2 1 9 b.p. 765 87-55°
Herz and Rathmann Chem.Ztg.,1 9 12,3 6 ,417 b;P'76o 8 7 .1 5
Mathews J.A.C.S.,1 9 2 6,48,5 6 9 b.p. 760 8 7 .1
Lecat Rec.Trav.Chim..1927.46.242 b.p. 760 8 6 .9 5
Timmermans Bull.Soc.Chim.Belg.,1913,
2 2 ,3 3 4 ^"P'7 6 0 8 6 .9 5
Carlisle and Levine Ind.Eng.Chem.,1932,24,1164 b.p. 760 8 6 .7
Trew and Watkins Trans.Far.Soc. .1933.29.1310 b.p. 760 8 6 .6 0
Swedlung and 
Robertson J.C.S.,1 9 4 7 ,6 3 0 b.p. 756 8 5 .8
Erdmann J.Prakt.Chem. ,1912,^,78 b.p.7 4 1.6 8 5 .9
This determination b.p . 760 8 7 .0
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Density.
Carlisle and Levine loc.cit. d20
4 1*4679
Mathev;s loc.cit. d20
4 1*4655
Erdmann loc.cit. d204 1*4649
This determination d20
4
1 .4 6 1 6
Refractive Index.
Eckart Brennstoff-Chem.,1923,4,24 n20 1 .4 7 8 2 0
Mathews loc .cit. n20 1 .4 7 7 5 8
Tschentke Ind.Eng.Chem.,Anal.Ed.,
1 9 3 4,6 ,2 1 n20 1 .4 7 7 5
This determination ngO 1 .4 7 8 0
Physical Constants of cis-1:2-DichloroethyleneI .
Boiling Point.
Lewis and Mayo J.A.C.S.,1 9 4 8,2 0 ,1 5 3 3 b * P # yy 2 80 *6
Jones and Taylor J.A.C.S.,1 9 4 0,6 2 ,3 4 8 0 ^ '^ " 7 6 8 ^9-9
Herz and Rathmann Chem.Ztg.,1913,32,622 ^•P*753 59*8
Eftring Thesis,Lund, 1938 ^ •^ •7 6 0 8 0 «27
Chavanne Compt.Rend.,1912,1^4,776 t>*p*75o 6 0 *2 5
Timmermans Bull.Soc.Chim.Belg.,
1 9 1 3,2 2 ,3 3 4 ^•P*760 6 0 *2 5
Bonino and Brühl Gazz.Chim.Ital.,1929, 
i2,648 ^•P*7^0 6 0 *2 5
Ketelaar, Van Velden 
and Zalm
Rec.Trav.Chim.,1947,
6 6 ,7 2 1 ^•P*76o 6 0 .2 5
Lebrun Bull.Soc.Chim.Belg.,
1 9 3 0,3 2 ,4 2 3 b.p.y^O
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Bernstein and Ramsay J.Chem.Phys.,1949,12,556 b.p. 760 ^0 -1
Walker Trans.Far.Soc.,1935,31, 
1434 ^ *P * 760 6 0 .0
Benesi and Hildebrand J.A.C.S.,1 9 4 8,2 0 ,3 9 7 8 b.p. 6 0 *1
Wood and Dickinson J.A.C.S.,1 9 3 9,6 1 ,3 2 5 9 b.p. 745 59*6
This determination b.p. 760 6 0 -2 5
Density.
Herz and Rathmann Chem.Ztg.,1913,32,622 <120 1 .2 8 2 0
Ketelaar, De Vries, 
Van Velden & Kooij Rec.Trav.Chim. ,1947,66,733 <l20 1 *28 37
Eftring Thesis, Lund <120 1*2818
This determination 1 .2 8 3 0 1
Refractive Index.
Jones and Taylor loc.cit. 1*44284
Bftring Thesis, Lund n20 1:4490
Lâcher, Scruby and Park J.A.C.S.«1949.71.1797 1 .4 4 9 0
Lewis and Mayo loc.cit. n20
D
1.4486
Chavanne Bull.Soc.Chim.Belg.,
1 9 1 2,26 ,28 7 1 .4 4 8 9 4
This determination "6° 1 *4 4 9 5
Magnetic Susceptibility.
Lâcher, Sciniby and Park loc.cit. -X x 10^ 0*526
This determination -X x 10^ 0*542
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Physical Constants of trans-1;2-Dichloroethvlene.
Boiling Point.
Jones and Taylor loc.cit. b.p.7 6 9 .5 47*86
Bdeseken and Bastet Re c. Trav. Chim. ,1913,
3 2 ,1 9 7 b.p. 769 48*3
Herz and Rathmann Chem.Ztg.,1913,32,
622 b.p . 763 48*8
Chavanne Bull.Soc.Chim.Belg.,
19 1 2,2 6 ,2 8 7 b*P.76o 4 8.35'
Bonino and Brühl loc.cit. b*P*760 48*35
Timmermans Bull.Soc.Chim.Belg.,
1 9 1 3,2 2 ,3 3 4
1
b.P*76o 4 8 .3 5
Lebrun Bull. S 0 c. Chim. B elg .,
1 9 3 0,3 2 ,4 2 3 b.p . 760 4 8 .3
Bernstein and Ramsay loc.cit. b*P.76o 48*1
Ketelaar, Van Velden 
and Zalm loc.cit. b*P.76o 47 *7
Eftring Thesis,Lund ^•P*760 47*66
Benesi and Hildebrand loc.cit. b.p. 755 47*9
Lewis and Mayo loc.cit. b.p. 752 48.0
Wood and Dickinson loc.cit. b.p. 745 47*2
This determination b*P*760 47*66
Density.
Herz and Rathmann Chem.Ztg.,1 9 1 3, 32, d20
4 1 .2 5 6 9
Ketelaar, De Vries, 
Van Velden & Kooij loc.cit. 1*2547
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Eftring Thesis,Lund d|0 1 .2 5 4 5
This determination d|0 1*25510
Refractive Index.
Jones and Taylor loc.cit. n25 1 .4 3 9 6 9
Eftring Thesis,Lund n20 1*4462
Chavanne Bull.Soc.Chim.Belg.,
1 9 1 2,2 6 ,2 8 7 n f p 1 .4 4 5 9 3
Lewis and Mayo loc.cit. ngO 1 .4 4 5 4
This determination n20 1 .4 4 6 2
MaOTetic Susceptibility.
Lâcher, Scruby and Park loc.cit. - X x  lOb 0 *5 0 4
This determination - X x  10^ 0*533
Freezing Point .
Band and Jay Compt.Rend.,1 9 1 0,15 0 ,1 6 8 7 -53*1°
Timmermans Bull.Soc.Chim.Belg.,19 27,3 6 ,
184 -53*0
Timmermans Bull.Soc.Chim.Belg.,1 9 1 3,22,
334 -50*0
Broers, Ketelaar and 
Van Velden Rec.Trav.Chim. ,1 9 5 0,6 2 ,1 1 2 -48*8
This determination -50*0
(Sulphur dioxide vapour pressure data from Stock,
Penning and Kuss, Ber. , 1 9 2 1, 5 4 , I, 1 1 1 9.)
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Vapour Pressure of the Dichloroetlivlenes. 
cis-l;2-Dichloro ethylene. trans-1;2-Dichloroethylene.
Temp.O°K p(mm. )A p(mm. )B Temp.'^K p(mm.)A p(mm.)3
267*0 44-9 44-6 265*8 75*7
271*0 56-3 267*1 80*4
274-0 64-7 271*8 102*1
274-2 65 *8 273-4 109*5
282-1 98-2 273*6 113*0
288-2 131-0 277 * 2 132*5
294-1 171*5 281-9 164*6
302-4 243-7 287*3 209*4
303*3 250-4 290-0 237*4
304-0 261-0 292-1 258*7
310*7 339*7 296*5 308*9
316*5 422-7 300*8 367*9
322-3 519*7 305-6 442-7
327*6 623-6 312*3 571*5
330-2 681-1 312-6 571*9
333*7 760-0 316*8 666 *9
334.0 771*9 319*9
320*8
741-5
760*6
A - values given by Ketelaar, Van Velden & Zalm, loc.cit. 
B - this determination.
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The figures obtained by both determinations can be 
summarised by the following equations.
2 314
cis-1 ; 2-Dichloroethylene log^gP = 22.807 ----- 5*1471ogi<5T
1,932
trans-1 ; 2-Dichloroethylene Icg^p = 16-289 - ^ - 2*946log2^T
-  73 -
Results.
The Pyrolysis of Allyl Chloride.
The first compound in the series to be studied was 
allyl chloride. Each batch of the reactant was prepared 
as described in the materials section, and the reactant 
admitted to the reservoir immediately after distillation.
The allyl chloride v;as outgassed at once by cooling it in 
liquid air, and pumping out while it melted. This 
alternate freezing and pumping process was repeated until 
no more air boiled out on melting. Thereafter, the 
reactant was kept under vacuum in the dark at -80°C.
In earlier work on dehydrochlorination reactions 
the course of reaction was always followed by pressure 
changes supplemented by an established correspondence of 
these changes with analytical results. Attempts were made 
in the present case to correlate the observed pressure 
changes with the amount of reaction as measured analytically 
These were not, however, very successful. The quantity of 
hydrogen chloride formed at various stages of the reaction 
was determined volumetrically, after condensation of the 
reaction products in liquid air. The results of these 
experiments, which covered a v/ide range of initial pressures 
of reactant and of degrees of decomposition, always showed
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a greater extent of reaction, as measured analytically, 
than was indicated by the pressure changes. Fig. 3 
shows this effect very clearly. The line is drawn at 
the theoretical slope of 1:1 for a gaseous reaction in 
which 1 mole of reactant gives 2 moles of products. No 
constant ratio between the two sets of observations was 
obtained. The experimental results are given in Table 2 
where the 'Found' column refers to the titre of û*ûlN. 
sodium hydroxide, expressed in ml,, required to neutralise 
the hydrogen chloride formed, and 'Calculated' refers to 
the titration, expressed in the same units, calculated 
from the corresponding pressure changes. Furthermore, 
the pressure measurements indicated the presence of an 
induction period. This was not substantiated by the 
analytical results. In view of the reported polymerisation 
of allyl chloride itself (Staudinger and Fleitmann, Ann., 
1930, 480. 92), and of allene, a probable reaction product, 
(Lebedev, J. Russ. Phys. Chem. Soc., 1913» £5, 1249;
Meinert and Hurd, J.A.C.S., 1930, Ü ,  4540) these are not 
surprising results. Maccoll (J. Chem. Phys., 1949, iZ, 
1350) found that the ratio of final to initial pressures 
in the analogous elimination of hydrogen bromide from 
allyl bromide was 1-5. This result is consistent with
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Table 2.
Found Calculated Found Calculated Found Calculated
2-33 1-84 4.35 3-59 3-78 3-22
8-49 7.58 0.53 0.12 1.15 0*46
4.24 3*^3 0.63 0.14 1-71 0.92,
2-24 1-15 1.60 1.04 2*56 1.61
4.44 3.22 1*66 1.04 2.49 2.28
1*34 0.46 1*35 0*46 0.37 0.12
2.81 2.65 0.50 0.00 2.59 2.42
6.00 4.95 0.90 0*30 1-33 0-94
2*60 2-42 0.20 0.00 1.88 1*27
5-05 4*10 2.01 1*04 2*84 2.30
6 -4^ 5.34 2.53 l«6l 2.16 1.86
1*70 0*69 6-59 6-28 2-11 1.84
2-73 2.19 3.62 3.45 1*17 0*92
2.00 1.49 1-55 1*38 1-72 1.38
6*47 5-75 4.78 3.88 6 *8o 6-28
the dimérisation of allene which is probably formed 
initially. Because of these complications, and those 
found to attend overnight runs, all rate measurements 
were made by the analytical method v/hich was described 
earlier.
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When the reactor was opened to the evacuated 
liquid air trap after a short term 'run', the pressure 
in the reactor always fell to 0*l-0*5 mm. Thus it is 
clear that no side reactions producing methane or 
hydrogen were occurring to an appreciable extent. On 
the other hand, after a series of overnight runs in which 
the reaction was allowed to approach completion, 
condensation was incomplete by about 15-20%, suggesting 
that some cracking of the products subsequent to, and 
not simultaneous with, the main reaction had occurred.
In these latter experiments the mean ratio of the final 
to the initial pressure was 1*6-1*7> and the hydrogen 
chloride determinations, necessarily rough and low on 
account of the very appreciable residual pressure, 
indicated ca. 70% production of the maximum theoretical 
quantity of this gas. These results are given in 
Table 3. It is established, therefore, that the 
decomposition of allyl chloride is predominantly one 
of dehydrochlorination.
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Table 3.
Temp.°c. p^(mm.) Time (hrs.) Pf/ Pi %Age of reaction
4-58 16-5 15 1-67 65
4.58 20.5 15 1*48 53
458 15*8 15 1-59 66
458 16-2 15 1-77 71
458 16 • 5 16 1*85 81
440 27'2 16 1-95 100*
440 23-2 15 1-54 54
440 24*9 15 1-54 51
*Partially coated reactor.
It seems probable from these results that the 
reaction is complex. There is, however, only one 
stoichiometric equation which expresses the reaction, i.e.,
C:^ HjjCl » 4- H Cl
so that the reaction is formally simple as far as the 
production of hydrogen chloride is concerned, and the 
method used to follow the course of the decomposition v/as 
such that the results must refer to the dehydrochlorination 
of allyl chloride. The velocity constants of this 
pyrolysis were measured over relatively small percentages
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of reaction, and, from the ease of condensation of
the products after these shorter term experiments,
any errors due to side reactions are negligible.
Having established these preliminary facts,
the kinetics of the decomposition were studied in the
temperature range 10-100 mm. The reaction was found
to follow a first order kinetic law up to 20-30%
decomposition. Beyond this stage a considerable fall
in velocity constant was observed, especially in runs
starting from high initial pressures of reactant.
This point is elaborated below. Since the experimental
technique precluded the possibility of obtaining more
than one result from any experiment, the velocity
constants were calculated individually from the equation 
1 ^o
k = T 2*303 logio ct > where Cq is the initial
concentration and c.^ is the concentration at time t.
Only moderate reproducibility was obtained, and therefore 
a large number of experiments was performed over a wide 
range of temperature and pressure in order to find 
reliable mean velocity constants, (the assumption being 
made that individual errors were of a random nature). 
Within these limitations there was no significant trend 
of velocity constant with initial concentration. This
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can be seen from the results in Table 4. The 
results at the higher temperature are more convincing 
by reason of the greater statistical weighus they carry 
The gradual fall in fractional decomposition time 
observed at 420°C actually corresponds to a reaction 
order of 1 *2. As this is based on rather few 
experiments, and in view of the results obtained at 
458°C it seems eminently justifiable to consider the 
reaction to be of the first order.
Table 4.
Temp.°C No. of Runs. Po ) mean 105k (sea~^)
458 27 11 23*6
458 20 16 25*0
458 31 32 26'2
458 15 48 24.4
458 19 70 26 "2
420 1 16 4*58
420 1 18 3.61
420 1 21 3-94
420 1 24 5-52
420 1 32 5-01
420 1 41 5*01
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Table 4 (continued)
420 12 49 4*80
420 3 56 6-00
420 1 76 7*40
420 2 94 6-98
-120 1 100 7.71
The fall in rate constant beyond 30% 
decomposition, especially at high pressures, suggested 
that there was a considerable inhibitory effect exerted 
by the products. This possibility was explored by 
performing a series of runs at 458°C in the presence of 
the reaction products of the previous run. The method 
was to admit a known amount of allyl chloride to the 
reactor, allow the pyrolysis to proceed to about 3 W  
decomposition, admit a further quantity of reactant, 
and determine the total hydrogen chloride produced after 
a further lapse of time. The velocity constant for the 
second part of the experiment was then calculated. One 
experiment was performed in which the first reaction was 
allowed to reach ca. 50^ decomposition before the second 
admission of allyl chloride. In this case the specific
reaction rate of the second part was even lower than 
that found in the other experiments. These experiments
- 8l -
are not capable of great precision owing to the greatly 
increased experimental error. The slowness of the 
second decomposition was such that the highest extent 
of decomposition measured was less than 15%. Since it 
was possible to make only a crude estimate of the 
initial concentration of the second stage of the reaction, 
the quantitative value of the recorded velocity constants 
is not very great. The figures do, however, prove that 
the pyrolysis is considerably retarded by the products.
The individual rate constants are given in Table 5*
Table 5.
PgCmm.) Assumed 105k]_ (sec.~l) 105k2 (sec-1)
17 14
*■
0*13
17 16 25-0 0-82
18 18 25-0 0-82
17 17 25-0 4-3
18 17 25-0 4-3
p2 and P2 are the initial pressures of the first 
and second parts of the experiment, and k]_ and k2 the 
corresponding velocity constants.
^ This constant was measured in the presence of the 
products of 5G% decomposition of the original allyl 
chloride.
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The reliability of the main series of results 
can be assessed by inspection of Fig. 4 in which the
Co
value of log^o —  obtained experimentally is plotted 
against t at various temperatures. The graphs are 
typical of the experimental results. The lines 
correspond to the slopes calculated from the mean rate 
constants at the temperatures stated. All the mean 
velocity constants, and the temperatures at which they 
were measured are given in Table 6. All these results 
refer to the 'empty * reactor of surface/volume ratio 2cm”^
Table 6.
Temp.^C No. of runs. 105k (sec.-!)
370 7 0-418
380 6 1-07
393 7 1-26
420 12 4.80
440 17 10-6
458 112 25-2
469 23 36.1
475 22 41-1
These results have been summarised by the method 
of least squares, giving equal statistical weight to
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each experiment, as k= 1 0 ^ ' ^^^/RT gee"*!
The Arrhenius plot of log^^k against T %  is given 
in Fig. 6, the full line is obtained from the velocity 
constant equation. The points are seen to fall on 
quite a good straight line.
Effect of Surface/Volume Ratio^
It is well known that any heterogeneity in a 
gas reaction can usually be detected by measuring the 
velocity of reaction in vessels of differing geometry.
At constant temperature, the rate of a purely 
homogeneous reaction is independent of the dimensions 
of the reactor, but the velocity of a heterogeneous 
reaction is directly proportional to- the surface/volume 
ratio of the containing vessel. In the case of' chain 
reactions the situation is more complex, as increasing 
the surface/volume ratio may accelerate or retard the 
reaction, or have virtually no effect. The magnitude 
of the effect is determined by the relative efficiencies 
of the chain initiating and terminating steps on the 
walls of the reaction vessel, and may have any value, 
positive or negative, including zero. It was therefore 
considered advisable to investigate the pyrolysis of 
allyl chloride in a reactor similar to the » empty* one,
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but packed with pyrex tubing to give a surface/volume 
ratio of 22 To standardise the experimental
conditions this reactor was coated with a carbonaceous 
film.
Under these conditions the velocity constants
measured were found to be two to three times greater than
those obtained at corresponding temperatures in the
unpacked reactor. The reproducibility of the experiments
can be estimated from Fig. 5 in which the experimental
Co
values of log.^ _  are plotted against t at various
^t
temperatures. The two series of velocity constants 
obtained in the * empty* and packed reactors can be 
compared by inspection of Table 7*
Table 7 .
Temp.°C. Empty Reactor 
10/ mean k (sec."l)
Packed Reactor 
No. of runs 105 mean k(sec.-l)
378 1-02 7 2.54
397 1-78 7 5-91
421 4*89* 8 14.2
440 10-6 19 23-5
457 24.6 17 40.6
Interpolated from Arrhenius equation.
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An Arrhenius plot of the results obtained in the
* packed* reactor gives a good straight line. The graph 
of log^Qk against is given in Fig. 6 which also shows 
the corresponding graph for the results obtained in the
* empty* reactor. It is obvious that the apparent energy 
of activation in the packed reactor is appreciably lower 
than that in the empty reactor. This should lead, 
theoretically, to a curved Arrhenius plot for the overall 
reaction, but the curvature is not observed in this case, 
as it was impossible to make measurements at sufficiently 
low temperatures. The velocity constants observed in 
the packed reaction vessel were summarised by the method 
of least squares to give k =10^*^^ e"32,000/RT. The 
reaction is obviously heterogeneous to some extent, but 
the mechanism is not established solely by these 
experiments*
Addition of Propylene.
Barton, Onyon and Howlett (Trans. Far. Soc., 194$, 
42r 733) have postulated three possible mechanisms for 
dehydrochlorination reactions, namely, homogeneous 
unimolecular, homogeneous radical chain, and heterogeneous 
reactions. The heterogeneous reactions can be subdivided 
into two classes, those which occur by some non-chain
- 86 -
mechanism on the walls of the reactor, and those in 
which radical chains are either started or ended on the 
surface of the reaction vessel. Among the dehydro- 
chlorinations of saturated chlorohydrocarbons studied, 
the first type of heterogeneous process has always been 
found to be of negligible magnitude in carbon-coated 
reactors, although a marked catalytic effect by clean 
glass surfaces has been observed. The second type of 
heterogeneous process was found to operate in the 
thermal decomposition of 1:1:1-trichloroethane (Barton 
and Onyon, J.A.C.S., 1950» %2, 988), a reaction in which 
the termination of radical chains at the walls of the 
reactor was found to occur. It was possible therefore 
that the heterogeneous component of the pyrolysis of 
allyl chloride might have been either non-chain, or due 
to the initiation at the reactor walls of a free radical 
reaction, the reverse phenomenon to that found in the 
decomposition of l:l:l-trichloroethane. Moreover, the
homogeneous part of the reaction might have been either 
a molecular or a radical process. The simplest method 
of detecting chains in a gaseous reaction is to measure 
the velocity of reaction in the presence of an inhibitor, 
and compare the results with those obtained without the
- 87 -
inhibitor. To this end, the rate of decomposition of 
allyl chloride in the presence of propylene was studied 
in both reactors. Propylene was chosen as inhibitor, 
since its inhibitory efficiency in the decomposition of 
chlorohydrocarbons has been well established (Barton 
and Rowlett, J.C.S., 1951, 2033).
In both reactors the reaction in the presence of 
propylene was first order with respect to allyl chloride, 
and, at any given temperature, the velocity constants 
measured were consistently lower than those corresponding 
to the uninhibited reaction. Maximum inhibition was 
attained with quite small amounts ofpropylene. Table 8 
shows the effect on the velocity constant of varying the 
propylene pressure at 458o. All the constants given in
this table were measured with an initial pressure of 
allyl chloride of 32 mm.
Table 8 .
Propylene Press, (mm.) lO^k(secf^) Propylene Press, (mm^  lo!^ "k(secr^ )
0 25-2 10-8 19.1
1 -2  2 0 .0 1 1 -9 2 2 .3
1-9 17-5 17-9 18-2
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In a more detailed examination of the maximally 
inhibited reaction the pressure of propylene was kept 
between 5 and 10 mm. The mean velocity constants 
obtained in both reaction vessels under these conditions 
are given in Table 9.
Table 9>
Temp,®C No. of Runs. 1 0 (secr^)
420 14 10.4p.
458 19 20 *6
458 ■29 33*8p.
p denotes packed reactor.
Flow Experiments.
A series of dynamic experiments was performed in 
the temperature range 470-5^ 5^C. These experiments fell 
into tv/o classes, measurement of velocity constant, and 
large scale collection of reaction products. The kinetic 
measurements were almost entirely confined to the 
preliminary, shorter term runs, since the temperature 
control was more reliable over moderate periods of time. 
These first experiments were, however, also designed to 
detect allene and methyl acetylene in the reaction products.
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These three primary'- aims were implemented by 
the following method. The gases issuing from the 
furnace were cooled, and passed successively through 
two Dreschel bottles containing water, a third which 
held Ilosvay*s reagent (Ber., 1899, 32, 2698), a drying 
tube packed with a 1:3 niixture by weight of magnesium 
perchlorate and barium perchlorate, a trap kept, either 
in liquid air, or in a bath of acetone and solid carbon 
dioxide, and finally through a Dreschel bottle containing 
concentrated sulphuric acid. These absorbents were 
arranged to remove hydrogen chloride, methyl acetylene, 
(water), unchanged allyl chloride, and allene, 
respectively. After each run the contents of the first 
two traps were titrated with 0*1N.sodium hydroxide, the 
almost negligible titre obtained from the second bottle 
showing the complete removal of hydrogen chloride, and 
the cuprous methyl acetylide precipitated in the third 
trap was filtered through a sintered glass crucible, 
well washed with water to remove excess hydroxylamine, 
dissolved in dilute sulphuric acid, and titrated with 
0*01N. potassium permanganate (cf. Willstatter and 
Maschmann, Ber., 1920, 53> 939)• The increase in 
weight of the concentrated sulphuric acid trap after
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a run was negligible, but allene was detected 
qualitatively by pouring the contents of the trap on 
to crushed ice, and distilling a few ml. of the 
resultant liquor, which should contain acetone in almost 
quantitative yield from any allene present originally, 
into sodium hypoiodite solution. A pale yellow 
precipitate of iodoform, recognised by its very 
characteristic smell was obtained. A quantitative 
confirmation of this result was made in one of the 
later, long term experiments.
Velocity constants for the reaction were calculated
2 .3 0 3 Co
from the formula, k = lQgj_Qô~=p, where Cq is the
total quantity of reactant passed, and p is the total
amount of product formed with the time of hot contact,
t seconds. The difference in weight of the reactant
reservoir gave Cq , p was found from the titre of 0*1N.
sodium hydroxide required to neutralise the hydrogen
chloride formed, and t was calculated from the expression
t z ^ , where v is the volume of the reactor, r the
V ’
time for which the run was in progress, and V, the volume 
of nitrogen plus allyl chloride passed through the 
reaction vessel at the furnace temperature. In 
calculating the contact time, no correction for the
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increase in gas volume caused by decomposition of the 
substrate was made, since, from observations made in 
the static experiments, it was felt that the volume 
increase was probably very small owing to pol^ m^ierisation 
effects, and therefore the rather tentative corrections 
involved would be negligible in comparison with the 
experimental error. The rate constants measured, and 
the results of the analyses are summarised in Table 10.
Table 10.
TempPc Time
(mil)
Sate of flow 
of nitrogen 
(ml/minj at 
20°
Moles of 
allyl 
chloride 
passed
Moles of Moles of 
hydrogen methyl 
chloride acetylene 
foijnd
A3lene 10 3k
(secy!)
470 60 48-7 0-04131 0-00010 + + 1.89
489 60 9-7 0-01856 0-00691 0-00013 -\- 7-68
489 60 10*1 0-02444 0-00648 0*00005 5-90
490 30 10*4 0-03712 0-00286 0-00005 5-54
490 60 12*2 0-02558 0-00727 0-00007 7*13 i
denotes detected qualitatively*
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The velocity constants measured by the flow 
method are about, on the average, 6 times greater than 
those measured by the static method, since the latter 
results give, by interpolation at 470°C, and extrapolation 
to 490®C, values of 4*2 x 10~'*^ sec.~^  and 9 x lO'^secr^, 
due allowance being made for the change in surface/volume 
ratio. This discrepancy might have been due to one of 
two causes, incompleteness of the reactor coating, or to 
the presence of traces of oxygen. Owing to the very 
heavy deposit of carbon observed, the former seems to be 
unlikely. The distinct fall in rate constant found in 
the last long term experiment, reported later, is more 
probably due to inhibition by the products rather than 
to improved reactor lining, since it corresponds to 
ca. 5C% decomposition. The enhanced rate is, therefore, 
probably due to adventitious traces of oxygen, but from 
consideration of Barton's results (J.C.S. , 1949, 148) 
on oxygen induced dehydrochlorinations, it is probable 
that the reaction mechanism was not profoundly disturbed. 
He found that at 350° the addition o f^ of oxygen 
increased the rate of dehydrochlorins.tion of l:2-dichloro- 
ethane a hundredfold, whereas the decomposition of 
1:1-dichloroethane, say, was accelerated by only a few
- 93 -
percent. This has attributed to a considerable change 
in mechanism in the former case. The pyrolysis of 
allyl chloride seems to fall in the latter category, so 
it is safe to assume that the reaction mechanism is 
virtually the same in both the static and dynamic systems.
It was clear from these experiments that allene 
and methyl acetylene did not account, together, for more 
than 3'.}% of the possible hydrocarbon yield. It was, 
however, noticed that a thin tar was deposited on the 
walls of the apparatus between the exit from the furnace 
and the condenser. To explore this possibility further, 
the apparatus was modified by placing a trap which was 
maintained at lO^C beneath the condenser. With this 
modification, and employing the usual absorbent traps, 
two longer term experiments were performed. These 
longer experiments confirmed the product analyses made 
after the short runs, and gave definite evidence for the 
polymerisation of the reaction products. It was 
therefore felt to be advisable to conduct one very long 
run in order to obtain sufficient tarry material to 
examine its constitution.
During this last experiment it was possible to 
estimate the amount of allene formed. After 12 hours
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the contents of the sulphuric acid trap were treated 
in the usual way, and the precipitated iodoform was 
filtered off, dried at 100 ,^ and weighed. The weight 
of precipitate (0*10g.) corresponded to a 1% yield of 
allene based on the hydrogen chloride produced over 
the same period. The precipitate had m.p. Il8*^
(sealed tube) confirming that it was iodoform. 
Furthermore, the increase in weight of the trap and its 
contents was negligible, suggesting that the total 
olefins produced were of the same order of magnitude 
as the allene.
The weight of *polymer' collected was dependent 
on the flow rate, and in the most important experiment, 
i.e. the last one, the weight produced was ca. 65% of 
the total possible allene derivatives, based on the 
allyl chloride consumed. The remaining carbon balance 
was probably accounted for by deposition of carbon on 
the reactor walls and exit tube, as the deposit was 
noticeably heavy. This view is borne out by the 
observations of Thomas (Thesis, London, 1953) on the 
analogous decomposition of allyl bromide. He reported 
that allyl bromide was an extremely efficient material 
for coating reactors, since it quickly deposited an
- 95 -
unusually thick layer of carbon.
The other measurement obtained from this last 
experiment was a somewhat crude estimate of the rate 
constant. The value obtained was 5 x 10""3 secf^, 
but, as previously explained, this is almost certainly 
too low a result owing to the considerable extent of 
decomposition.
The product analyses for the long term runs are 
given in Table 11.
Table 11.
Temp.°C Time Rate of flow of Wt. of allyl Wt.of 
(his) nitrogen(ml./min.at 2 D chloride passed(g)polymer
4-50 20 17-50 4-0
490 7 4 16-40 2-9
505 151 4 104-20 1 7 -0
Tne study of the thermal decomposition of allyl 
chloride was completed by investigation of the constitution 
of the polymeric material. lOG. of the tar were 
fractionally distilled using a semi-micro column. A small 
quantity of liquid which boiled at ca. ^0^ was shown to be 
allyl chloride by its refractive index (n^^^ 1*4190 
compared with n^ ^^  ^1*4137 for pure allyl chloride).
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The other fractions were characterised by boiling 
range, refractive index and smell. As it was believed 
that the tar originated from the polymerisation of 
allene, the results were compared with those of Lebedev 
(loc. cit.), and those of Meinert and Hurd (loc. cit.) 
on the polymerisation of essentially pure allene under 
similar conditions. The very good agreement between 
the three investigations can be seen in Table 12 in 
which all three sets of results are reported.
There are other points of agreement between the 
new results and those reported earlier. All the 
fractions were found to show unsaturation to bromine in 
carbon tetrachloride, as reported by Meinert and Hurd. 
More important, the molecular weight of fraction 1 was 
determined by Victor Meyer's method, and of fraction 5 
ebullioscopically in chloroform. The results gave 
molecular weights of 8l and 1 5 3, corresponding to 
Lebedev's reported dimer and tetramer. Thus there can 
be no doubt that allyl chloride decomposes to give 
hydrogen chloride and allene which rapidly polymerises.
- 97 -
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The pyrolysis of Trichloroethvlene.
The second compoiond in the series to be studied 
was trichloroethvlene* As in the case of allyl chloride, 
great care was exercised in out gas sing the material as 
soon as it had been admitted to the reactant reservoir, 
and in keeping the reactant at -80^C in the dark when 
not in use.
A few cursory experiments showed that it would be 
impossible to follow the kinetics of the reaction by means 
of pressure changes. The maximum pressure increase 
observed was about 10% of the initial pressure, but 
determination of the hydrogen chloride produced in one 
such run showed 75% dehydrochlorination. A series of 
overnight runs gave no indication of BXi increase in 
pressure, but the titration figures corresponded to 
virtual completion of reaction. The experimental 
results are given in Table I3, where the percentage of 
reaction is calculated on the basis of 100% reaction 
being equivalent to the elimination of one molecular 
proportion of hydrogen chloride from the whole of the 
trichioroethylene introduced initially. This lack of 
correspondence between pressure changes and analytical 
results was traced later to the rapid conversion of
- 99 -
dichloroacetylene, which is formed by the dehydro­
chlorination of trichioroethylene, to hexachlorobenzene. 
A1.1 the results report,ed here were, therefore, obtained 
by the titration method detailed in the experimental 
section.
Table 11.
Temp.°C. Initial Pressure (mm.) Time (hrs.) Percentage
Reaction
44-4-5 31 16 104
4-44* 5 29 13i 95
444*5 42 l6 102
444*5 42 l6^ 101
444*5 17 i6i 126
444*5 42 16 124 p.
425 42 l6 105
410 42 16 92
410 42 16 96
p denotes packed reactor.
The stoichiometry of the reaction was established 
very easily. For structural reasons it is possible to 
write down only one simple, plausible equation which
—  100 —
expresses the dehydrochlorination of trichloroethylene, 
i.e.,
CgHCl^  ^C2CI2 + H Cl.
Thus all the hydrogen chloride produced must arise from 
this reaction, and not from the further decomposition of 
the reaction products. The method of following' the 
course of the reaction ensured, therefore, that the 
kinetic measurements did refer to the dehydrochlorination 
of trichloroethylene itself. Furthermore, the absence 
of complicating side reactions was demonstrated. The 
reaction products were tested for chlorine by the starch- 
iodide test with negative results, and no difficulty in 
condensing the products was encountered, showing that no 
hydrogen was formed. These facts, together with the 
approximately 100% yield of hydrogen chloride found in 
the long term experiments, showed that the reaction is 
a stoi'Chiometrically simple elimination of hydrogen 
chloride in which side reactions are experimentally 
undetectable.
The results of the overnight runs also gave the 
valuable information that the pyrolysis of trichloroethylene 
proceeds to completion, rather than to a measurable position 
of equilibrium. This view was confirmed by the results of
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the experiments performed in the presence of propylene 
(reported later).
After the completion of these exploratory 
experiments, the kinetics of the thermal decomposition 
of trichloroethylene were studied in the temperature 
range 385-4-44* 5°C, and in the initial pressure range 
16-42 mm. This relatively restricted pressure range 
is due to the practical difficulties which had to be 
overcome. The chief diffic^Jlty was the deposition of 
crystalline material in the stopcocks, capillary 
connections, and vacuum line. Even with the taps to 
the reactor heated to over lOO^C, they became blocked 
every few days. It was then essential to fill the 
apparatus with hydrogen and remove the blockages.
Naturally this procedure caused some damage to the 
reactor lining (cf. introductory and experimental sections), 
and care was taken to recoat the reaction vessel each time. 
Thus an upper limit to the practicable initial pressure 
was found, the lower limit was imposed by the fall in 
reproducibility of results.
It was very soon apparent that the curves of 
amount of hydrogen chloride against time were complex. 
Induction periods were observed at all temperatures,
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and attempts to determine the order of reaction showed 
that the order was about two immediately after the 
completion of the induction period, but that the 
apparent order rose throughout the reaction. This can 
be illustrated by some of the results at 444*5^C, With 
an initial pressure of 42 mm. the apparent order was 
approximately second when the reaction was about 2C% 
complete, but higher than third by the time the reaction 
was 70% complete. This rise was consistent with either 
an approach to a position of equilibrium, or inhibition 
by the products. In view of the reasons stated above 
the former hypothesis was abandoned, and the latter 
investigated more fully.
A series of "double" experiments, similar to those 
reported in the section giving the results for the 
pyrolysis of allyl chloride, was performed at 444*5^0.
In each run 42 mm. of reactant were admitted to the 
reactor, pyrolysed for ^0 mins., and a further 32 mm. of 
trichloroethylene (i.e., sufficient to restore the 
reactant concentration to its initial value) were 
admitted. The reaction was then allowed to proceed for 
a further given time. On analysis of the products, the 
volume of 0 *0lN. sodium hydroxide, required to neutralise.
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the hydrogen chloride formed, was less than that 
which would have been required if no inhibition by 
the products of the first part of the reaction had 
occurred in the second part. Owing to the impossibility 
of calculating velocity constants directly, the expected 
titration figures were estimated by adding together 
contributions from the two halves of the experiment.
These contributions were estimated from the appropriate 
titration versus time curve for single runs. These 
results, which are extremely important from the bearing 
they have on the reaction mechanism, are given in 
Table 14.
Table 14.
Total Time (mins.) Estimated Titre (ml.) Obsein/'ed Titre (ml.)
55 24*12 22*00
50 22*75 20*59
52 23-34 21*02
47 21*65 19*38
The first section of the main kinetic work was 
an investigation of the effects of temperature and pressure 
on the pyrolysis of trichloroethylene. Curves coordinating
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the amount of hydrogen chloride against time were 
plotted. Each curve showed an induction period which 
was dependent on both temperature and pressure, but 
independent of the state of exhaustion of the reactant 
reservoir, and of the batch of material employed. Thus 
the induction periods are inherent in the reaction, and 
not due to adventitious traces of impurities in the 
trichloroethylene. The experimental points are plotted 
in Figs. 7, 8 and Q. The full lines are calculated 
from the equations which give the best fit to the 
results, while the dotted lines are empirical extra­
polations to zero time.
Addition of Propylene.
The existence of induction periods had suggested 
that radical chains were playing an important part in the 
mechanism of the decomposition. This was amply confirmed 
by the effect of propylene on the measured kinetics.
With low partial pressures of propylene the reaction 
velocity was reduced to a small fraction of the uninhibited 
rate. The quantity of propylene (less than 1*5 mm.) 
required to produce maximum inhibition was so small that 
it was inconvenient to reduce the inhibitor concentration 
to a value small enough to show that the reaction rate
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fell with increasing propylene concentration until a 
limiting value was reached. Most of the experiments 
in this section were devoted to measuring the maximally 
inhibited rate over a range of temperature and pressure. 
In these experiments the propylene pressure was kept at 
about 5 mm., and under these conditions the reaction was 
found to exhibit good second order kinetics. This 
simplicity of order, which was observed-to hold to 
considerable extents of reaction, is a major point in the 
evidence that the reaction approaches completion, and is 
not approaching a position of equilibrium, in the range 
studied, since otherwise a rise in experimental order, 
similar to that observed for the uninhibited reaction, 
would have been expected.
Addition of Hexane.
Additional information regarding the effect of 
inhibitors was obtained by the employment of n-hexane.
It was found that n-hexane was a slightly less efficient 
inhibitor for the pyrolysis of trichloroethylene than 
was propylene, thus making it possible to examine the 
effect of varying the partial pressure of inhibitor on 
the measured rate. The results of a series of runs at 
444-50c are given in Table l5, where the titre of
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0'OIF sodium hydroxide required to neutralise the 
hydrogen chloride formed after 10 minutes representi 
the rate of reaction. In all the experiments the 
initial pressure of trichloroethylene was 42*5 mm#
Table 15.
Press, of C^ H]_4 (rnm.) Titre Press, of C6Hi4 (mm.) litre
0 - 0 0 10*42 1*6 5 2*83
0-5? 7*53 3" 30 2*90
1 .1 0 7*0 0 6.05 2*80
1-37 3-33 19-90 2*74
The maximally inhibited reaction in the presence 
of n-hexane showed second order kinetics, and at 444-5^0 
had a velocity constant which was the same as that 
measured for the pyrolysis of trichloroethylene inhibited 
by propylene. All the second order constants for the 
maximally inhibited reaction, together with the 
appropriate temperatures are given in Table l6 . The 
reproducibility of the results is illustrated in Fig* 9, 
which compares the inhibited and uninhibited reactions 
at 410^C, and in Fig. 10 which illustrates the linear 
second order plots. The results have been summarised by
F I G U R E  U.
O UNINHIGITE]» -r RIC.MLOROETMYLENE ' (K l
#  TR IC H LO R O ETH YLE NE P R O P Y L E /M ê
‘X
0
f
XQ
X
0
0
•J
+
o- s
, 3 8
3lO
T“K
- 107 -
the method of least squares to give k=10^^'
1. mole'^sec"^. The Arrhenius plot of the results is 
given in Fig. 11.
Table l6 .
Temp.^C Inhibitor Initial Pressure of 
Reactant (mm. )
lo2l((i.mole"lsec.“l)
385 Propylene 42"$ 1 .3 8 p.
410 Propylene 42'$ 5-6?
444- ^ Propylene 18 "3 1 7 -0
444' 5 Propylene 2 8 *3 20*6
444* 5 Propylene 42-5 20*7
444* 5 Propylene 42-5 20 -8 p.
444' 5 n-Hexane 42*5 2 1 -1
p denotes packed reactor
Effect of Surface/Volume Ratio.
The duality of reaction mechanism, which is 
apparent from the results of the foregoing sections, made 
it imperative to investigate the effects of change in 
surface/volume ratio on both the inhibited and uninhibited 
reactions. It is obvious that any observed heterogeneity 
in the reaction might arise from the partial initiation 
or termination of chain processes on the walls, or from
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an independent, non-chain heterogeneous reaction.
Equally well, an apparently homogeneous overall reaction 
might have been due to compensating changes in the two 
mechanisms. Thus it was important to isolate as many 
of these possibilities as was practicable.
The experimental work consisted of the construction 
of a complete titration versus time curve for the 
uninhibited decomposition of trichloroethylene at 444*5°C 
using a reaction vessel of surface/volume ratio 22 cm.~l. 
The curve is shown in Fig. 8 . Similarly, the rate of the 
maximally inhibited reaction was measured at 3 8 and at 
4 4 4.50c, the inhibitor being propylene. The results are 
included in Table I6 , where it is shown very clearly that 
there is no detectable change in velocity constant at 
4 4 4.50c when the surface/volume ratio is increased 11-fold.
Addition of 1:1:1-Trichloroethane.
It is well known that many reactions which are 
capable of proceeding by a free radical chain mechanism 
can be accelerated by the introduction into the system 
of free radicals from another source. The pyrolysis of 
acetaldehyde is a reaction which has been the subject of 
much controversy. Leaving aside the subject of its mode 
of decomposition when there are no additives present.
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the reaction can undoubtedly be sensitised by suitable 
materials. The earliest example of the induced 
decomposition of acetaldehyde which is well established 
is that reported by Allen and Sickman (J.A.C.S., 1934,
56, 2031) in which azomethane v/as the source of free 
radicals. Of more direct interest in connection with 
this work is the use of ethyl bromide, and of 1:2-dichloro< 
ethane to induce a rapid decomposition of acetaldehyde.
The sensitisation of the decomposition of acetaldehyde by 
decomposing ethyl bromide has been reported by Roof and 
Daniels (loc. cit.), and by Roof (loc. cit.). There is 
some ambiguity about these results (see Introduction), 
but they do constitute some evidence for sensitisation by 
free radicals. A better established example is the 
sensitisation of the decomposition of acetaldehyde by 
free radicals produced by the pyrolysis of 1:2-dichloro- 
ethane (Barton and Rowlett, Trans. Far. Soc., 1949, 4^,
735).
An attempt was made to sensitise the thermal 
decomposition of trichloroethylene at 42$°C in the packed 
reactor with free radicals produced by the pyrolysis of 
1:1:1-trichloroethane. This sensitiser was chosen
because it has been shown by Barton and Onyon (J.A.C.S., 
1 9 5 0, 22, 9 8 8) that its decomposition involves chlorine
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atoms and trichloroethyl radicals, thus it might be 
expected to be a suitable accelerator for the pyrolysis 
of trichloroethylene. The temperature selected for 
the study was 425^0, since the normal pyrolysis of 
trichloroethylene is of only moderate speed at this 
temperature, and the rate of decomposition of 
1 :1 :1-trichloroethane is fast but measurable (half life 
of 10 minutes). The technique employed was to admit 
1 *5-3 ’ 5 of l:l;l-trichloroethane to the reactor, 
followed quickly by 42 mm. of trichloroethylene. The 
total products were condensed out after 10 minutes, and 
analysed for hydrogen chloride with 0 *01R sodium 
hydroxide. Four experiments were performed, and in 
each case the titration corresponded approximately to 
that which would be expected if the two reactions were 
proceeding independently. The results are given in 
Table 17, in which the column headed ‘‘Estimated Titre" 
gives the titration figure to be expected if the two 
reactions were proceeding independently.
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Table 17.
Press, of 1:1:1-Trichloro- 
ethane (mm.)
Estimated Titre 
(ml.)
Observed Titre 
(ml.)
1-37 4-35 4-21
1-37 4-35 3-85
1 -8 2 4-50 4-20
3 -2 0 4-92 5-19
The results of these experiments can be interpreted 
in several ways. The chief point that can be made from 
them is that no appreciable sensitisation had occurred.
The reasons underlying this fact are, however, rather 
obscure. It might have been due to an inherent resistance 
to the chosen sensitiser on the part of trichloroethylene, 
or to a complete suppression of the free radical 
decomposition of 1 :1 :1-trichloro ethane under the conditions 
employed. It was reported by Barton and Onyon (loc. cit.) 
that the chain terminating process in the free radical 
pyrolysis of 1 :1 :1-trichloro ethane is partially 
heterogeneous, thus it is possible that the chains had been 
completely suppressed, since the surface/volume ratio of 
the packed reactor is rather high. The titration figure 
due to the decomposition of trichloroethylene was taken
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to be the mean value of four runs in which the substrate 
was decomposed without any additive for 10 minutes. The 
figure obtained in this way was not accurate to more than 
tO"2 ml. If, in the first three experiments, the 
titration due to the dehydrochlorination of 1:1:1- 
t ri chlo ro ethane is calculated from the unimolecular rate 
constant, rather than the overall reaction rate constant, 
the change in titration (0*1 - 0*2 ml., according to the 
partial pressure of the additive) is less than the known 
experimental error, making it impossible to decide between 
the possibilities. The final experiment, however, suggests 
that the chain mechanism must have been operating to some 
extent, because the change in titration v.’ould have been 
great enough to observe experimentally. Assuming that no 
chain pyrolysis of 1:1:1-trichloroethane is occurring, the 
estimated titre becomes 4*62 ml., whereas the observed 
titre was 5*19 ml., i.e., higher than is purely fortuitous. 
Thus the available evidence is slightly in favour of the 
view that the non-sensitisation of the decomposition of 
trichloroethylene by 1:1:1-trichloro ethane is a real, and 
not an apparent, effect.
Addition of n-Pentane.
The final series of experiments was aimed at
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investigating the molecular part of the decomposition 
of trichloroethylene. The experiments were performed 
at two temperatures, 424^0 and 409^C. Firstly, a few 
runs were carried out to show that n-pentane reduced the 
reaction rate to its maximally inhibited value. In 
these experiments 42 mm. of trichloi'oethylene were 
decomposed in the presence of 10*5 of n-pentane.
The results are given in Table l8, where the titrations 
calculated from the relevant rate constant equation are 
also given for purposes of comparison. The results 
definitely show that n-pentane is an efficient inhibitor 
for the reaction. With this fact established, the 
effect of increasing the partial pressure of n-pentane 
was investigated by the following method. A small, 
known quantity of n-pentane was admitted to the reactor, 
followed by 42 mm. of trichloroethylene, and, finally, 
more n-pentane up to the required amount. This 
technique suppressed any free radical activity, and was 
preferred to the simpler expedient of admitting first 
the additive and then the reactant to the reaction vessel. 
This latter method would have necessitated excessive 
heating of the reactant reservoir owing to the rather low 
vapour pressure of trichloroethylene at room temperature.
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The reaction products were condensed out 10 minutes 
after the admission oï the trichloroethylene, and 
titrated for hydrogen chloride in the usual way. The 
results are given in Table l8, where the column headed 
"Titre" refers to theamount of 0 *01N sodium hydroxide 
required to neutralise the hydrogen chloride produced.
Table l8.
Temp.^C. Run Number Press, of n-Pentane (mm.) Titre (ml.)
424 Calculated 0*83
424 1 10*5 0*77
424 2 10-5 0*92
424 3 36*0 1*20
424 4 67 '^ 1*49
424 5 97’ 5 1*81
409 Calculated 0*44
409 6 10*5 0*43
409 11 10*5 0*40
409 7 21*0 0*59
409 8 33-8 0*74
409 9 63-8 0*91
409 10 106*5 1*10
409 12 178*5 1-33
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Calculation of Results.
The interpretation of the experimental results 
in terms of a rate equation presented some difficulty. 
The effect of inhibitors such as propylene, n-hexane, 
and n-pentane, on the kinetics indicated that the 
elimination of hydrogen chloride from trichloroethylene 
proceeded by two simultaneous mechanisms, one of the 
free radical chain type, and the other molecular.
There was no problem involved in the calculation of 
rate constants for the molecular process, since it was 
an uncomplicated, second order reaction. On the other 
hand the kinetics of the chain reaction appeared to be 
highly complex. The simplicity of the kinetics of the 
non-chain reaction suggested that the marked inhibition 
by the products which had been observed was to be 
associated with the chain part of the pyrolysis.
Working on this clue, the following method of finding 
a rate equation to express the chain part of the 
reaction was used.
Tangents were drawn to the experimental titration 
versus time curve for the decomposition of trichloro­
ethylene starting from an initial pressure of 4-2*5 mm. 
at 444* 5°C. All the points at which the tangents were
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drawn were after the end of the induction period, i.e.,
when steady state conditions for the chain reaction had
been reached. Corrections for the molecular reaction
were calculated and applied to the slopes of the tangents.
The corrected values of .4jPJ., i.e., those for the chain
part alone, were plotted against various functions of the
type i & F  ( [A] is the concentration of the reactant, fp]
[pjm ’
is the concentration of the product, and n and m are small
rational numbers). The results were not very conclusive,
but they did indicate that n = 2, and m was between and 1.
The next step was to find the correct equation by
graphical integration. This was achieved by taking one
of the corrected slopes, and making use of the relationship,
, k^ order to find k^. Trial graphical
equations v;ith m - ^  and gave curves of the wrong shape,
but a preliminary integration with m = 1 gave reasonable
agreement with the results. Using the equation,
AlEl . the value of k^ giving the best fit with
dt [p]
the results was found by making slight adjustments in 
the value of k^, and testing the result by graphical 
integration.
Having decided upon the correct rate equation for 
the chain reaction, the rate equation for the overall
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reaction was integrated in order to attempt to show
that it fitted the experimental results. Since the
overall expression, d [P] . [a12  ^k[A]2, is not
dt ' [p]
one of the simple kinetic equations, the integration 
is given in full.
The equation can be written in the form
As - k (a-x)^
dt ■ X
= k (a-x)2 [ ^  
kx
Putting k
0  - k (a-x)2 (cj^ +x)
I . r X dx  ^ fk dt
'  J  (a-x)2((^ i- x) J
Putting  X = A B ^ C
(a-x)^(<^4-x) (a-x)2 Ca-x) (j +x)
I = / a  dx  ^ f B  .dx . + /C..dx 
^ la-x)'^ V(a-x)  ^X)
Integrating from x o to x = x
kt = Ax + B In à - C In
a( a-x7 a-x  ^ x
The constants A, B and C can be determined from the
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partial fraction relationship
X = A (<^ +x) + B(a-x) (^+x) + C(a-x)2 
when X = a, a = A(a-nj.)
.'.A , a
a-.»},
when X =  ^ C(a«-^)^
C = - Q
(a.<^)2
when X = 0, o-A<|^ + Ba<^ + Ca^
The integrated form of the equation was thus 
found to be too cumbersome to be of use in testing the 
fit of the experimental results to the selected rate 
equation. Consequently, the graphical integration 
method was used to find the rate constants, and examine 
the correctness of the rate equation at all temperatures. 
The results are given in Table 19. The applicability 
of the rate equation to the v/hole course of the reactions 
starting from different initial pressures is strong 
support for its correctness.
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Table 19.
Temp.°C lo5kl(sec.~l) Temp. °G lO^k^(sec.-l)
385 5*0 444*5 53*3 b
410 16 *6 444*5 53-3
425 33*3 444*5 53*3 P
b denotes » l6*5 mm., in all other cases Pq is 42*5 mm.
p denotes packed reactor.
The rate constant equation, calculated from these 
results by the method of least squares, and giving a 
statistical weight of three to the velocity constant at 
444.50^ is kd = 107‘52 e~3v5^'^/RT sec-1. The Arrhenius 
plot is given in Fig. 11. It is of interest to note
that the rate constant does not depend on units of
concentration.
Flow Experiments.
No attempt was made to measure velocity constants 
for the pyrolysis of trichloroethylene in the flow system, 
since it was known from the results of the static 
experiments that the reaction was characterised by an 
induction period and complex kinetic order. These two
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factors made the interpretation of dynamic kinetic 
measurements an intractable problem.
The experiments that were performed were of tv/o 
types, the first to collect reaction products on a 
large scale, and the second to estimate the kinetic 
chain length. For both series of experiments, the 
dynamic apparatus was modified by replacing the 
condenser at the exit from the furnace with a wide' 
tube which sloped down to the absorbent traps. This 
modification was made, because it was thought that the 
chief organic product of the pyrolysis was hexachloro- 
benzene, a compound which is crystalline at room 
temperature. This view was based on the knowledge 
of the thermal decomposition of trichloroethylene 
gained with the static apparatus, and on the information 
briefly reported by Barton and Howlett (J.G.S., 1951, 
2033) that trichloroethylene decomposed to give 
dichloroacetylene, but that the product which was 
actually isolated was hexachlorobenzene, since the 
initial product poljonerised to hexachlorobenzene under 
the conditions of the pyrolysis. This polymerisation 
has also been reported by Berthelot and Jungfleisch 
(Ann., 1870, Suppl. 7» 255), by Nicodemus (J.pr.Ghem.,
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1911, 8_3, 312), and by Ott and Dittus (Ber., I943, 76.
80). Since the conclusions drawn by Barton and Howlett 
were based solely on m.p. evidence, it was aimed to 
collect a much larger quantity of material in order to 
perform a more thorough analysis.
In the first experiment "oxygen-free" nitrogen 
was passed through the reactant trap at a flow rate of 
10 ml./min. (measured at 20°C), and then through the 
furnace at 490°, giving a calculated hot contact time 
of 2 minutes. The gases issuing from the reactor were 
cooled by their passage through the wide tube, where a 
heavy crj^stalline deposit was laid down. This deposit 
tended to block the apparatus, and it was necessary, 
therefore, to heat the tube fairly frequently to clear 
away the stoppage. The remaining gases were passed through 
a trap containing dilute sodium hydroxide to absorb 
hydrogen chloride. After 70 hours the experiment was 
stopped, and the reactor was swept out with nitrogen.
The condenser tube was cut off, and its contents dissolved 
out in chloroform. After evaporation of the solvent, 
the crude product was weighed, and then recrystallised 
from ethyl acetate as feathery needles. The contents 
of the sodium hydroxide trap were made up to 500 ml.
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in a graduated flask, and titrated for chloride ion 
with 0*1N silver nitrate by Mohr's method. The 
purified organic product had m.p. 222-223°, molecular 
weight determined ebullioscopically by the Cottrell 
method in chloroform solution, 283, and chlorine content 
determined by the Pa.rr bomb method, 74-»^. These 
figures compare well with the literature value for the 
m.p. of hexachlorobenzene 226°, and the calculated 
values of the molecular weight, 285, -^i^d of the chlorine 
content, 74*7%. Thus it seems indisputable that the 
compound is hexachlorobenzene. Assuming that all the 
crude product was hexachlorobenzene, the yield was 
calc'olated to be 0*025 mole, while the corresponding 
yield of hydrogen chloride from the chloride analysis 
was found to be 0*071 mole. There is little doubt, 
therefore, that, under the specified conditions, 
trichloroethylene decomposes, more or less quantitatively, 
to give hydrogen chloride and dichloroacetylene, this 
latter polymerising very rapidly to hexachlorobenzene.
The reaction chain which has been found to fit 
the experimental results (for more detailed account, see 
Discussion) is
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kl
2CpHCl.---- >CpHCl,+ Cl -h CoHClg
^ -3 ✓ ^ J d
o r - ^ >HCl + CgHClg 1- CgCl^
Cl + C ^ C l y ^ —  ^HCl + C2CI3
CpCl^ + CgHClg--->C2CI2 + Cl + CgHClj
CpHClp-- + C2HCI3---, C2HCI + Cl + C2HCI3
Cl + P 1- C2HCI3---» end
The kinetic chain length of the overall reaction is
given, in the usual way, by Rate of overall reaction.
Rate of initiating step
How the amount of hydrogen chloride formed at any time 
is a measure of the rate of the overall reaction, 
neglecting any hydrogen chloride formed by the 
simultaneous molecular reaction, while the amount of 
monochloroacetylene formed is a measure of the rate 
of the initiating step. This follows from the fact 
that the C2HCI2 radical formed in the initiating step 
takes no part in propagating the chain, but it is 
assumed to be lost from the system by disproportionation, 
yielding a chlorine atom and a molecule of monochloro­
acetylene. Therefore,■if the amounts of hydrogen 
chloride and monochloroacetylene formed at any given time 
can be found, it is possible to calculate the kinetic 
chain length. Tlie amount of monochloroacetylene formed
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during the course of the static experiments was too’ 
small to determine by normal analytical methods, but 
the dynamic apparatus was easily adapted to deal with 
such contingencies.
A series of runs was performed using the modified 
flow apparatus in conjunction with two traps containing 
water to remove hydrogen chloride, and one containing 
Ilosvay's reagent (loc. cit.) to absorb monochloro­
acetylene. The possibility of carrying out such an 
experiment depended on the thermal stability of 
monochloroacetyüaie, for, otherwise, no precipitate 
would have been given with Ilosvay's reagent. It has 
been reported by Bashford, Emeleus and Briscoe (J.C.S., 
1938, 1358) that the compound can be kept at 100°C for 
considerable periods, therefore it seemed that mono­
chloroacetylene would be sufficiently stable at ca.JOOOC 
to permit the analysis to be performed. After each run, 
the contents of the first two traps were titrated with 
sodium hydroxide, and the precipitated cuprous 
chloroacetylide from the third trap was titrated with 
O'OIN. potassium permanganate. From these results the 
kinetic chain length was calculated. The reactant trap 
was weighed both before and after each run so that the
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extent of reaction could be calculated, because the 
induction period made the apparent chain length dependent 
on the percentage of reaction ccmpleted. The variation 
of chain length with percentage decomposition was 
investigated, since only the chain length measured at 
high extents of reaction, i.e., when the complicaJ,ions 
due to a non-steady state had been eliminated, were 
significant. The results are given in Table 20.
Table 20.
Terap.°C Percentage
Reaction
Titre of 0*1N Titre of O ’OIN 
NaOH iü/m°4
Chain
Length
530 82 50‘0 1*28 390
530 81 90.4 2*60 350
530 86 96 *6 2*80 340
500 76 44*0 l*6o 280
500 59 37-3 1*60 230
500 32 25*1 0*60 410
500 23 12*7 1-55 82
500 - 66*5* 1-5 440
500 - 63-0^ 1*80 350
500 - 86*6* 1*94 450
445 27 62*0 1*50 410
445 17 22*8 0*80
290
*Titrations actually performed with N NaOH.
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The Pyrolysis of the l;2-Dichloroethylenes.
Much of the experimental method used to study the 
thermal decompositions of the 1:2-dichloroethylenes 
requires little description, since it was exactly like 
that detailed for studying the pyrolyses of allyl chloride 
and trichloroethylene. For example, the usual precautions 
with regard to outgassing and storage of materials were 
observed. It is noteworthy, perhaps, that cold, dark 
conditions between experiments were particularly important 
in the case of the trans isomer, since it was found that 
purified specimens which were kept at room temperature, 
even in the dark, rapidly deposited considerable quantities 
of polymeric material.
In the light of previous experience, there seemed 
to be little point in attempting to relate pressure changes 
to extent of reaction, and no experiments were made solely 
for this purpose. However, during the course of the 
kinetic study it was noted that pressure increases were 
about half of those expected from a reaction giving two 
molecular proportions of product from one molecular 
proportion of reactant. It was suspected that this was 
due to partial polymerisation of the products, a view 
v/hich has received confirmation from the flow experiments
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performed later.
Argument by analogy could not, however, give any 
guidance regarding the two important points which remained 
to be settled before embarking on a detailed kinetic 
analysis. These points were whether both geometrical 
isomers would decompose at identical rates, and whether 
the stoichiometry of the reaction could be represented 
by the scheme,
CgHgClg ^C^HCl 4- HCl.
The monochloroacetylene produced by this reaction might 
possibly eliminate more hydrogen chloride, and thus 
complicate the results. This is a contingency which 
could not arise in either of the previous cases.
There were two grounds for thinking that the 
decompositions of the cis and trans isomers would be 
kinetically indistinguishable. The first was that any 
cis molecule which had acquired sufficient energy to 
react would automatically be in a sufficiently energised 
condition for interconversion. The second was the 
measurements of the rate of conversion of the trans form 
to the cis form to give the equilibrium mixture in a 
static, carbon coated apparatus, i.e., under the conditions 
to be used for the pyrolysis, reported by Jones and Taylor
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(J.A.C.S., 1940, 3 4 8 0). The rate constant equation
given by these authors, k = 4*9 x 10^2:^ -41,9OO/RI sec."^,
corresponds to a half life of 7 secs, at 428°C, a time
which is considerably less than the minimum time interval
of 30 secs, which has been used to calculate rate
constants throughout this research. Therefore, since 
the rate of equilibration starting from the cis isomer is 
even faster, and, assuming these results to be correct, 
it would not be possible to detect any difference in the 
kinetics of the pyrolyses of the two isomers, since the 
kinetics would always refer to the decomposition of an 
equilibrium mixture.
It was, however, decided that an attempt should 
be made to confirm this result by direct measurement in 
the temperature range of the decomposition study. The 
experiments were made at 428°C by a technique similar in 
essentials to that described by Jones and Taylor. The 
reactant, at an initial pressure of 100-200 mm., was 
admitted to the furnace, and, after a known length of 
time, condensed into a clean, dry tube cooled in liquid 
air. Using an Abbé refractometer which was maintained 
at 20°C by circulating water, the refractive index of 
the product was measured, and the extent of inter­
conversion found from a calibration curve. This curve
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had been constructed on the assumption that the 
relationship between refractive index and percentage 
composition of mixture was linea.r. Since the total 
change in refractive index on going from 100% trans 
isomer to 100% cis isomer is 0*0035, this assumption 
cannot have introduced much error. The first order 
velocity constants calculated from these results fell 
rapidly with degree of interconversion, as would be 
expected of a reaction which was proceeding to a 
measurable position of equilibrium. The average 
value for times of less than 30 secs, is 1*28 x 
10~2gec.“^, while that for times between 30 secs, and 
180 secs, is 4.56 X 10“3sec.“^, compared with 
4*17 X 10“2gec.“^ calculated from the equation given 
by Jones and Taylor. This extrapolated value is 
about 3*5 times that determined in this research, 
but the agreement is quite good under the circumstances. 
It must be borne in mind that the actual experiments 
are not capable of great precision, nor has any 
correction for the back reaction been made to the new 
results, and, finally, the uncertainty of 4* 5 kilo- 
cals./mole in the activation energy calculated by Jones 
and Taylor makes the limits of experimental error 
sufficiently wide to embrace both results. These 
experiments, and the fact that rate constants found for
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the pyrolysis of either isomer lie on the same Arrhenius 
graph, amply confirm the original supposition that the 
isomers would decompose in exactly similar ways.
The other outstanding point, the stoichiometry of 
the reaction, was established by carrying out a series of 
long term "runs" of 20-50 times the duration of the half 
life of the uninhibited reaction. The results are given 
in Table 21. The experiments at the lower temperatures 
require no comment, but it is clear that a certain amount 
of decomposition of monochloroacetylene was occurring at 
the highest temperature.
 Table 21._________________________
T^G P o ( m m . )  Percentage Reaction
460 42 121
460 17*2 131
444* 5 39 109
44A.5 39 125
428 49.1 91
428 49-1 86
428 23.4 81
-«28 23.4 103
428 123 101
428 123 105
428 59 83
428 123 94
- 131 -
The time was so great, however, compared with the times 
over which the kinetics were measured, that little 
complication from this source was likely. Further 
evidence in favour of the simple nature of the dehydro­
chlorination came from the dynamic experiments. In' 
passing, it should be noted that the results of the long 
term static experiments also imply that the reaction 
goes to virtual completion rather than to a measurable 
position of equilibrium.
The first section of the pyrolytic work proper 
was concerned with elimination of hydrogen chloride from 
the 1;2-dichloroethylenes uninfluenced by additives.
It was soon apparent that both isomers decomposed by 
processes involving free radicals. The reactions were 
characterised by induction periods, which were dependent 
on both temperature and pressure, followed by an 
extremely fast reaction. Both propylene and n-hexane 
cut down the rate considerably, confirming that chains 
played an important part in the reaction. For the sake 
of comparison, experimental product versus time curves 
for both uninhibited and inhibited reactions are shown 
in Fig. 12. The kinetics of the reaction are clearly 
complex, and, since the chief object of this section of 
"tlie work was to examine unimolecular reactions, the
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details of the chain mechanism were not investigated.
Addition of Propylene.
From the point of view of this research the 
results of adding propylene to the system were important 
in two ways. Not only were the radical chains detected, 
but also they showed that a residual reaction could be 
isolated. This reaction was studied in the presence of 
ca. 15 mm. of propylene at 444*5°C and 46l°C, the initial 
pressure of 1:2-dichloroethylene being varied from 39*5 
to 478 ram. The kinetics were not sensitive to changes of 
^ 5 mm. in the partial pressure of the inhibitor, but were 
markedly dependent on the initial concentration of the 
reactant. The results could not be fitted to any integral 
or half integral rate law (e.g., at 444*5°C the reaction 
obeyed first order kinetics at initial pressures of 123 uan. 
and 239 mm., but on reducing the initial pressure to 
69*5 ram. the order had risen to 1*5» and was nearer 2 at 
39*9 mm.). This behaviour is associated with uni­
molecular reactions at concentrations below the critical 
pressure limit. Therefore, in accordance with the usual 
practice for dealing with these reactions, the measurements 
are quoted in terms of apparent first order velocity 
constants. The mean velocity constants given in Table 22
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were calculated from experiments in which not more 
than 2C% decomposition had been reached, because the 
specific rate of the reaction fell quite sharply after 
the initial stages of the pyrolysis.
Table 22.
TOc Po(mm.) Number of Runs 105k (sec.-l)
444-5 39*5 3 2-74
444-5 69 6 ' 3-10
444-5 123 4 s 5-10
444-5 152 2 6-17
444-5 188 ' 1 6-68
444- 5 239 ' 6 7-51
444- 5 332 1 8-26
444- 5 478 1 9-79
461 69 8 5-Û7
461 123 13 8-75
46l 239 10 12-5
Addition of n-Hexane.
A more comprehensive study of the inhibited 
reaction was made with n-hexane as the additive. Using 
the smallest quantity of inhibitor which could be relied
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upon to suppress chains completely (10-20 mm.), the 
maximally inhibited reaction was studied over the 
temperature range, 395~‘^75°C, and in the initial 
pressure range, 3I-32I mm. of 1:2-dichloroethylene.
The calculation of first order velocity constants for 
the reaction under these conditions presented unexpected 
difficulties. The fall in specific rate after 
relatively small fractions of reaction had been completed 
was even more marked than in the propylene experiments, 
the additional effect probably being due, to some extent, 
to partial cracking of the n-hexane to give products 
which removed hydrogen chloride from the system. The 
method of averaging velocity constants measured over less 
than a certain fixed percentage of reaction gave i-ather 
inconsistent results, since the fall in specific rate 
set in at a different place for each temperature and 
pressure. In order, therefore, to obtain results which 
were strictly comparable the following procedure was 
used. Experimental product versus time graphs were 
drawn at each temperature and pressure, and tangents 
drawn to the curves at zero time. The velocity constants 
were then calculated by dividing the slopes of the 
tangents by the appropriate initial concentrations.
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The data, obtained in this way are summarised in 
Table 23. It is noticeable that the velocity constants 
for the dehydrochlorination of 1;2-dichloroethylene 
inhibited by n-hexane are appreciably higher than those 
for the same reaction inhibited by propylene. This 
point receives more attention later.
Table 23.
T°C PqCmm.) lO^k.(sec.-l)
395 123 . 7 * 2 2
395 239 1 2 -0
395 321 14-1
407 69 13-5
410 123 1 5 -8
410 239 22.-8
410 . 321 28-2
428 31 27-4
428 31 22-8 p
428 . 69 30-1
428 123 42-6
428 239 6 6 - 3
428 321 83-4
A4.4-5 31 53-6
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Table 23 (continued).
T°C Po(mm.) 106k.(sec.~^)
444.5 31 53*6
444.5 69 73-9
444.5 123 72-4
444.5 239 134.4
461 69 128*6
461 123 152*8
461 239 241*8
462 31 95.4
462 31 95.4 p
475 31 198*0
475 31 201-0 p
p denotes packed reactor.
From these results the variation of rate constant 
with temperature at each pressure has been calculated by
the method of least squares. Arrhenius graphs are
\
illustrated in Fig. I3. Although the diagram shows the 
fall in activation energy with decrease in initial 
concentration quite clearly, the parameters of the 
Arrhenius equation are listed in Table 24, which also 
includes the "high pressure" values, for greater ease 
of comparison.
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Table 24.
Po(mm.) E^.(kilocals./mole) loSlO-^
OO 52.7 12*56
321 50.2 11’57
239 45-6 9.99
123 44*7 9’50
69 42-5 8*77
31 42-5 8 ’66
Pq -oo means initial pressures above the 
critical pressure limit.
Effect of Surface/Volume Ratio.
No investigation of a gas reaction can be 
considered complete unless it includes tests for 
homogeneity. Some experiments were carried out, 
therefore, on the inhibited dehydrochlorination of 
1;2-dichloroethylene in the reactor of surface/volume 
ratio 22 cm.~^ The velocity constants were calculated 
by the method described in the preceding section, and 
they have been included in Table 23 where they can be 
compared directly with the corresponding values for 
the reaction in the vessel of surface/volume ratio 
2 cm.“^ The results show quite conclusively that the 
inhibited reaction is homogeneous.
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Addition of n-Hexane and Ether.
The kinetics of the pyrolysis of 1;2-dichloro­
ethylene in the presence of n-hexane had proved to be 
remarkably sensitive to variations in the amount of 
inhibitor added. The addition of slightly more 
n-hexane than was needed for the complete suppression 
of the chain reaction caused an appreciable acceleration. 
This suggested that n-hexane could transfer energ^^ to 
the 1:2-dichloroethylene molecule with great efficiency. 
This thesis received support from the fact that propylene 
reduced the observed rate constants to a lower value than 
did n-hexane. All other things being equal, the smaller 
number of degrees of freedom in the propylene molecule 
will make it less efficient in the transfer of energy 
than n-hexane. Thus the apparently discordant results 
for the inhibition studies can be explained quite simply 
in terms of an energy transfer phenomenon. To establish 
this point with certainty, however, more experiments 
using much larger quantities of "inert" gas were needed. 
The rather low vapour pressure of n-hexane made it 
unsuitable for further work on this line, and an 
alternative was sought. The first material to be tried 
was diethyl ether. After purification over sodium a 
sample of ether was introduced into a reservoir.
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carefully freed from oxygen, and stored over hydro- 
quinone to prevent the formation of peroxides. A 
few preliminary experiments at 428®C showed that ether 
was not a very effective inhibitor of the chain reaction, 
and that it did itself decompose to some extent. Both 
these troubles were eliminated, however, by admitting 
12 ram. of n-hexane to the reactor before either the 
reactant or the additive. In all the experiments of 
this series, a standard initial pressure of I23 mm. of 
1:2-dichloroethylene was used. The results are given 
in Table 25.
Table 25.
Pressure of Ether (mm.) Number of Runs lO^kCsea"^)
25 4 5'8o
50 4 7.40
99 4 9*02
176 3 9*40
Addition of n-Pentane. ■
The experiments with ether gave very convincing 
evidence that the "inert gas" hypothesis explained the 
discrepancies in the experimental data for the inhibited 
decomposition of 1;2-dichloroethylene quite satisfactorily.
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They also suggested a convenient method of finding 
the high pressure rate constant, "k„". With ether 
as additive, the experimental technique was, however, 
unavoidably involved, and considerable difficulty in 
condensing the products in the presence of large 
quantities of ether was encountered. For readly 
satisfactory measurements, a material which was a 
good inhibitor, an efficient distributor of energy, 
and which had a high vapour pressure at room 
temperature, was needed. It was hoped that n-pentane 
would fulfill these requirements. A specimen of 
n-pentane was admitted to an additive trap, carefully 
degassed, and stored over hydroquinone for some time.
The material was shown to be a good inhibitor for the 
decomposition of 1:2-dichloroethylene by a series of 
experiments in the packed reactor at 456% .  In each 
run 46 "4 mm. of 1:2-dichloroethylene plus varying' 
amounts of n-pentane were decomposed for l8-^  mins.
The results are given in Table 26 where "Titre" indicates 
the volume of 0*01N sodium hydroxide required to 
neutralise the hydrogen chloride produced.
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Table 26.
Press, of n-Pentane Titre (ml.)
0 5-24
0.6 0-91
1*4 Û -97
3-0 1*00
- 0-70*
- 0-62*^
In the experiments marked with an asterisk, the 
reactor was flushed out with n-pentane and evacuated, 
before admitting the 1;2-dichloroethylene to avoid, 
if possible, any 'inert' gas effect.
The efficiency of n-pentane as an energy 
distributor was demonstrated by some experiments at 
428%  in the 'empty' reactor. Using a constant 
initial pressure of 123 nim» of 1:2-dichloroethylene, 
first order constants for the reaction in the presence 
of different quantities of additive were measured. 
Table 27 contains all the relevant information.
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Table 21.
Press, of n-Pentane (mm.) 105k(sea~^)
5 - 6 7-40
7 - 7i 8-88
9 - 1 3 9*42
18 10*7
27 - 30 10*3
46-50 9-88
60 - 65 10*8
>70 10-9
Obviously n-pentane satisfied all the required 
conditions, and was able to raise the specific rate 
of decomposition of 1:2-dichloroethylene to a limiting 
value. To show that this value corresponded to "k^", 
experiments, in which the partial, pressures of both 
reactant and additive were varied, were performed.
It was found that, provided the pressure of n-pentane 
was sufficiently high,- the first order rate constant 
was independent of the initial pressure of 1:2-dichloro- 
ethylene'. These last experiments were repeated at 
various temperatures, and the results are quoted in 
Table 28.
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Table 28.
TOC No. of Experiments lO^k (sec."^)
359 2 1*73
380 5 11-0
410 8 59-0
428 14 109.0
These results have been summarised by the method 
of least squares giving equal statistical weight to 
each experiment as k r 10^2-56 g"5‘-5 700/RT
The Arrhenius plot of the results is included in Fig.13.
Flow Experiments.
All the d^mamic experiments on 1;2-dichloro­
ethylene were designed to collect and analyse reaction . 
products. For this purpose, two traps containing water 
to remove hydrogen chloride, and two bottles containing 
Ilosvay's reagent to absorb monochloroacetylene were 
used. The products were titrated with sodium hydroxide, 
and potassium permanganate, respectively. At any 
temperature, the relative quantities of hydrogen chloride 
and monochloroacetylene were dependent on the rate of 
flow of the nitrogen carrier, and to allow for this, 
measurements were made at severaJL flow speeds at each
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temperature. The results are given in Table 29.
Table 2Q.
T°C Rate of flow of N2 Equivalents of 
HCl
Equivalents of 
C2HCI
430 Slow 0*000450 0* 000255
430 Moderate 0*000610 0*000357
430 Fast 0*000495 O '000400
452 Slow 0*000303 O'000210
452 Slow O'000308 O'000205
452 Fast 0*000540 0*000555
493 Very Slow 0*00185 O'00030
493 Slow 0*000090 O'000092
493 Slow 0*000370 0*000380
The results at high speeds of flow, and at the 
highest temperature show that, initially, the yields of 
monochloroacetylene and hydrogen chloride are equivalent. 
The experiments at lower rates of passage of the carrier 
gas show that two additional factors must be considered.
The low increases in pressure in the static experiments 
are consistent with a certain degree of polymerisation 
of monochloroacetylene. The lov/er temperature and slow 
rate of flow experiments lend support to this idea.
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At 430°C the amount of hydrogen chloride formed is 
always greater than the amount of monochloroacetylene, 
the relative preponderance increasing with decreasing 
speed of passage of nitrogen, i.e., the greater the 
time available for a consecutive reaction to occur.
At 452'^ C, however, the balance has shifted slightly.
The excess of hydrogen chloride over monochloroacetylene 
is never as great as at 430% ,  and the two products are 
actually equivalent in the fastest experiment, results 
which are in agreement with the lower extent of poly­
merisation expected to accompany the rise in temperature. 
At 493°C the polymerisation effect is not observed in 
the slow experiments, and an apparently anomalous result 
is obtained from the very slow run. This sudden, large 
increase in the hydrogen chloride/monochloroacetylene 
ratio is clearly due to some other cause, and the only 
reasonable explanation of the result is that the high 
temperature has caused the monochloroacetylene to 
decompose. This view harmonises with the inferences 
drawn from the long term static experiments at high 
temperatures which v;ent beyond the position of complete 
reaction calculated for the first elimination of 
hydrogen chloride from 1:2-dichloroethylene.
To sum up, the flow experiments confirm the
— 14-6 —
deductions made from the static experiments, i.e., that 
the pyrolysis of 1:2-dichloroethylene leads to the 
production of hydrogen chloride and monochloroacetylene, 
the latter pyrolysing further at higher temperatures, 
and partially polymerising at lower temperatures.
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Discussion.
The kinetic results obtained by this research 
fall naturally into two sections, those appertaining 
to the thermal decomposition of allyl chloride, and 
those found for the pyrolyses of the chlorinated 
ethylenes. The former are characterised by constancy 
of order, relative freedom from chain processes, but 
dependence on surface/volume ratio, and the latter by 
variability of experimental order, considerable 
contributions from chain reactions, and true homogeneity. 
The variations in the measured kinetics are reflections 
of the differences in reaction mechanism of the pyrolyses 
under consideration. The differences in reaction 
mechanism are, in their turn, consequences of the 
structure of the substrate. There are good theoretical 
grounds underlying the effect of structure on the 
mechanism of decomposition of these compounds, and if 
the discussion is allowed to follow the simple kinetic 
classification, the connection between theory and 
experiment becomes clear. In pursuance of this plan 
the decomposition of allyl chloride is considered first.
One of the primary aims of this study was to 
justify the practice of neglecting a second elimination
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of hydrogen chloride from a polychlorohydrocarbon 
when calculating velocity constants for the first 
elimination of one molecular proportion of hydrogen 
chloride on the basis of pressure measurement.
With that end in vi evf the new experimented, results 
are compared with those obtained by Barton and Head 
(Trans. Far. Soc., 1Q$0, 46, 114) for the decomposition 
of 1:2-dichloropropane, since allyl chloride is 
probably one of the chloropropenes obtained in this 
reaction. In order to estimate the maximum error 
in Barton and Head^s results, it must first be assuined 
that allyl chloride decomposes faster than any of the 
other possible isomers. With this assumption it is 
then possible to express the essential processes as
1:2-dichloropropane— > allyl chloride > hydrogen chloride
or A ---------> E  > C
i.e., neglect temporarily the direct formation of C from A.
The published graphs illustrating the first order 
behaviour of the pyrolysis of 1:2-dichloropropane suggest 
that velocity constants v;ere not computed for extents of 
reaction greater than . This has been confirmed by 
a private communication from Dr. Head in which it was 
pointed out that the pressure increases in overnight runs
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were considerably in excess of 10(%, thus making any 
readings made after the half completion of reaction 
suspect. It is interesting to note that the ratios 
of final to initial pressures reported were ca. 2*6, 
exactly what would be expected from these new results 
if allyl chloride and hydrogen chloride were the sole 
products of the first stage of the reaction. It is 
therefore apparent that to find the maximum error in 
Barton ajnd Head's results it is only necessary to 
consider the error involved up to half decomposition 
of 1;2-dichloropropane.
Direct comparison of the present results for 
the pyrolysis of allyl chloride with those obtained 
by Barton and Head is possible at 440°C, where the 
first order constants, kj and k2, are respectively 
0*000942 sec.-^ and 0*000106 sec-1. it should be 
emphasised that k^ was determined by pressure changes, 
and kp by chemical analyses. The half life of 
1 ;2-dichloropropane under these conditions is thus 
2*303 logio 2/k%  ^ 736 sec.
Neglecting, temporarily, the direct production 
of C from A, the differential equations goveiming the 
concentrations of A, B and C are
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dA/
/at = k^ A
ÔB,
/dt - ki A — k/*) B-4- CL
and . dC / 
/dt - kg B
Es son (Phil. Trans., 1866, 156, 220) ;
results and expressed them in the form
C .  1 + kp e-klt _ e-k2t
Ao ki - kg
Substitution of the appropriate values given above into
C
this expression shows that at 440^0, H q = 0*02 when A - 
has half decomposed.
Thus if 1:2-dichloropropane decomposed to yield 
only allyl chloride and hydrogen chloride, and if in 
the subsequent pyrolysis of allyl chloride the pressure 
changes occurred up to an equal extent with the 
dehydrochlorination, the maximum error in Barton and 
Headbs results after $0% decomposition of l:2-dichloro- 
propane would be 4%. As already indicated, however, 
over small conversions, of allyl chloride into its 
products the pressure changes are quite small (cf.Fig.3) 
Thus it seems most probable that the maximum error in 
Barton and Head’s results can be set at about 2%, and
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may well be lower. Such an error is not significant 
in gas phase kinetic work at these temperatures.
A second aim of this work was to examine the 
possibility of preparing allene or methyl acetylene 
by the thermal decomposition of allyl. chloride. It 
is obvious from the product analyses that this is quite 
impossible. For although allene appears to be one of 
the primary/" products of the pyrolysis, it seems that 
the allene polymerises at least as fast as allyl 
chloride decomposes under the conditions employed 
(carbon coated reactors), and in the temperature range 
explored (370-5^>5^C).
The results of chemical kinetic investigations 
can be used to unravel the intricacies of reaction 
mechanism in many cases, and the pyrolysis of allyl 
chloride is no exception to this generalisation. The 
most prominent feature of this reaction is the marked 
dependence of the rate on the surface/volume ratio of 
the reaction vessel. The rates of the thermal 
decompositions of 1:1:1-trichloroethane (Barton and 
Onyon, loc. cit.) and 2:2^-dichlorodiethyl ether (Barton, 
Head and Williams, J.C.S., 195i? 2039) were found to be 
dependent on the surface/volume ratio of the reactor.
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in that the measured rate constants fell vmth 
increasing surface/volume ratio. This effect was 
attributed to a partial termination of the chains on 
the walls of the reaction vessel, since both reactions 
had considerable free radical components. It is 
evident that this effect cannot be operating in the 
pyrolysis of allyl chloride, since an acceleration is 
observed on increasing the surface/volume ratio. It 
might be thought that the enhanced rate found in the 
packed vessel was due to the initiation of chains on 
the reactor walls, but the effect of propylene on the 
reaction proves that this is not so. Measurements 
of the reaction rate in the unpacked vessel at 4$8^C 
showed that about ICF/c of the reaction was radical chain 
in character. If all the observed heterogeneity had 
been due to chain initiation on the walls, the 
maximally inhibited rate would have been independent of 
the surface/volume ratio. This was not observed 
experimentally. Therefore the heterogeneous reaction 
must be at least partially non-chain in character. 
Furthermore, the difference between the velocity 
constants for the inhibited and uninhibited reactions, 
i.e., the rate constant for the chain process, is the
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same in both reactors, showing that the chain reaction 
is homogeneous, and also that the heterogeneous
I
reaction is entirely non-chain in character.
After correction of the observed rate constants 
to zero surface/volume ratio, the homogeneous rate 
constant (k_) is given by ^ 10^^*^ ^-46,000/BT sec""^ .
O 6
Since it is always assumed that the heterogeneous 
component of a mixed homogeneous and heterogeneous 
reaction is proportional to the surface/volume ratio 
of the reactor, rather than to the surface area, it is 
convenient to express the rate constant equation for the 
heterogeneous component in terms of unit surface/volume 
ratio. This gives kg ^  10^ q-25>000/j^'J' gg^ pl^ jj^ . In 
theory it is also possible to calculate a rate constant 
equation for the chain reaction by making measurements 
at more than one temperature. In practice this is of 
little quantitative value, since it involves taking 
differences between large numbers to find the necessary 
values of the rate constants at different temperatiores. 
Strictly speaking, the value of the cliain reaction 
velocity constants should be found in order to correct 
the homogeneous rate constants to those which correspond 
to the non-chain reaction. Ov/ing to their small size
-  1 5 4  -
and considerable degree of uncertainty, the corrections 
have not been applied, and it has been assumed that the 
homogeneous rate is identical with the unimolecular 
rate.
The first point to be considered is the low 
efficiency of the homogeneous processes. On structural 
grounds all monochlorohydrocarbons are expected to 
dehydrochlorinate by the unimolecular process (cf.Barton, 
Onyon and Howlett, Trans. Far. Soc., 1949, 4^ , 733)* 
Maccoll (loc. cit.) considered that allyl bromide 
decomposed in a unimolecular manner by splitting a 
C-Br bond, in agreement with the activation energy of 
45*5 kilocals./mole. Clearly this mechanism cannot 
be involved in the decomposition of allyl chloride, 
since the activation energy is very similar 
(46'0 kilocals./mole) in spite of the increase in the 
C-Hal bond dissociation energy. The non-exponential 
term is, however, very low, ,and it is possible, therefore, 
that there might be some competition from this type of 
process. Measurements on the C-Cl bond energy in allyl 
chloride by Loosing, Ingold and Henderson (J. Chem. Phys., 
19^4, 22, 1489), and by Roberts and Skinner (Trans. Far. 
Soc., 1949, 45, 339) give values of 60*4 kilocals./mole
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?jicl 59*3 kilocals./mole respectively. Assuming a 
normal unimolecular non-exponential term of 10^ -3 for 
the hypothetical C-Cl breaking reaction gives 
k 10^3 Q-60.000/R1 sec“i. At 420°C, a point near 
the middle of the temperature range studied, this 
gives a rate constant of 1*19 x 10“  ^ sec'i, as compared 
v.'ith 3.99 X  10-9 sec-1 calculated from the rate constant 
equation for the homogeneous reaction. It is apparent, 
therefore, that anj'- mechanism of this tjp)e would not be 
expected to operate in competition with the direct 
elimination of hydrogen chloride, even though this 
latter reaction cannot be altogether favourable judging 
by the low non-exponential term.
A possible explanation of the relatively low 
efficiency of the unimolecular reaction lies in the 
electronic mobility of the allyl chloride molecule.
'j* Cl
y H -
The chlorine atom will tend to remove electrons 
from the C-C bond, but this will be compensated for by
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a drift of electrons from the double bond to the 
single bond, thus conferring partial double bond 
character on both C-C bonds, and therefore bringing 
about a slight straightening up of the molecule.
This will, in its turn, decrease the distance between 
the hydrogen atom on C2 and the chlorine atom on 
at its nearest distance of approach. In consequence, 
there is an increased probability of a preferred con­
figuration about such that the chlorine atom is 
distant from the hydrogen atom on Cp. This being so, 
the direct cis elimination of hydrogen chloride will 
become less favourable, and a low non-exponential term 
would be expected, as is found experimentally.
The occurrence of a detectable proportion of 
a chain reaction was unexpected, and appears to be in 
direct contradiction to the predictions of Barton,
Onyon and Howlett (loc, cit.). Assuming that chlorine 
atoms preferentially attack the hydrogen atoms which 
are in the ^  positions with respect to the chlorine 
atoms present in the substrate, they give good 
arguments in favour of a unimolecular elimination of 
hydrogen chloride from a monochlorohydrocarbon. Ash 
and Brown ("Records of Chemical Progress, 19^8, 8I)
- 157 -
have suggested that chlorine atoms also attack the 
hydrogen atoms which are in positions  ^ to the chlorine 
atoms present in the reactant. Barton, Head and 
Williams (J.C.S,, 1951? 2039) have considered this 
conclusion, and have shown that the kinetic chain 
length of the radical chain decomposition is limited 
to the ratio of p to oc attack in the chlorination 
reaction. In the case of ethyl chloride this is about 
10 as compared with 10^ for the probable chain length 
in the dehydrochlorination of 1 ;2-dichloroethane, say. 
Obviously the chain mode of decomposition will be 
insignificant in the pyrolysis of ethyl chloride, it 
is, in fact, undetectable. In the pyrolysis of allyl 
chloride, on the other hand, the non-exponential term 
is lower than the usual figure for a unimolecular 
process by a factor of 103, which is of the order of 
magnitude which is necessary to mak:e the contributions 
from chain processes detectable. Clearly, the 
experimental results show that in this reaction the 
chain component had indeed become detectable, but not
predominant.
In conclusion, it can be said that the marked 
heterogeneity of this reaction follows from the low
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efficiency of both the possible homogeneous processes. 
The heterogeneous reaction, itself, although it is of 
measurable speed compared with the homogeneous reaction 
in this case, is probably relatively no faster than the 
very slight heterogeneous components noted in other 
reactions (e.g. the pyrolysis of 1 :2-dichloroethane).
It is certainly slow compared with the glass-catalysed 
reactions which have been observed. For example, the 
glass-catalysed pyrolysis of tert-butyl chloride 
(Barton and Onyon, Trans. Par. Soc., 19^9> Ü ?  725) 
has an energy of activation of l6 kilocals./mole 
compared with 25 kilocals./mole in this case.
The remainder of this study was devoted to an 
investigation of the decompositions of trichloroethylene, 
and both cis- and trans-1;2-dichloroethylene, three 
compounds which are very closely related structurally.
In agreement with the predictions, connecting the mode 
of decomposition of chlorohydrocarbons with their 
structure, put forward by Barton, Onyon and Hewlett 
(loc. cit.), the pyrolyses of all three compounds have 
considerable chain components, while the molecular 
components of the reactions have characteristics which 
illustrate Slater's theory'- of unimolecular reactions
- 159 -
(Proa. Roy. Soc. A., 1948, 194, 112) as applied to 
small molecules. Before embarking on a detailed 
discussion of the reaction mechanisms, however, it is 
convenient to examine the kinetic data in relation to 
the rates of decomposition of the saturated, chlorinated 
hydrocarbons from, which these compounds are derived 
pyrolytically.
In an earlier section of this chapter the error 
in neglecting the dehydrochlorination of the products 
of the pyrolysis of 1:2-dichloropropane was computed 
b;/ applying the classical equation for two consecutive 
reactions of the first order. Clearly, this procedure 
is impossible in the cases of the eliminations of 
hydrogen chloride from 1:1:2:2-tetrachloroethane and 
1:1:1:2-tetrachloroethane, owing to the complex kinetics 
of the dehydrochlorination of trichloroethylene. 
T^ 'ortunatel^ r, it does not seem necessary to attempt anj'- 
such calculation. The kinetics of the thermal 
decompositions of the tetrachloroethanes were studied, 
primarily, by means of pressure changes (Barton and 
Rowlett, J.C.S., 1951» 2033), and, since the maximum 
pressure increase observed with the p^crolysis of 
trichloroethylene was of the order of 1G% of the initial
- i6o -
pressure, any contribution from the latter reaction 
must be quite negligible. It is unlikely, therefore, 
that there is any appreciable error in Barton and 
Hewlett's calculations.
The kinetics of the uninhibited pyrolyses of 
the 1:2-dichloroethylenes have not been placed on a 
severely quantitative basis, but, from the point of 
view of estimating errors in previous work this is 
quite immaterial. The only compound from which the 
1 :2-dichloroethylenes can be derived by the elimination 
of hydrogen chloride is 1:1;2-trichloroethane, and, 
although the thermal decomposition of this last compound 
has been studied (Tfilliams, J.C.S., 1953» 113)» there is 
no numerical information given, since the author found 
that the reaction was very irreproducible, but 
kinetically of the first order at 441°C. Thus there is 
no comparison to be made with previous work for the 
pyrolysis of the 1:2-dichloroethylenes. It is note­
worthy, perhaps, that the reported irreproducibility of 
the decomposition of 1:1:2-trichloroethane might, in 
some measure, be due to the subsequent pyrolysis of 
1:2-dichloroethylene. This latter reaction shows
pressure dependent induction periods which are very long
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in this temperature region (ca 9 mins. with the 
initial pressure 58*5 mm. at 444.^oc) hut are followed 
by an extremely fast reaction (half life 10 mins.). 
According to the initial pressure of 1:1:2-trichloro- 
ethane, therefore, a variety of anomalous results 
might be observed.
Undoubtedly the most interesting side of this 
research is the understanding of the mechanisms of the 
reactions which can be gained by consideration of the 
kinetic data. The existence of induction periods, 
and the effects of inhibitors such as propylene and 
n-hexane on the kinetics of the dehydrochlorinations 
of trichloroethylene and the 1:2-dichloroethylenes 
show that free radical chains play an important part 
in the reactions, but that simultaneous molecular 
processes also occur. To a first approximation, it 
is possible to assume that the two types of mechanism 
are independent of each other. This being so, it is 
possible to deal with the two mechanisms separately. 
The chain mode of decomposition is dealt with first.
The chain part of the dehydrochlorination of 
t r i chlo r o ethyl ene shows some very interesting features, 
The rate of the reaction was found to be expressible
—  1.6 2  —
by the equation
d [H Cl] k [CgH Clg]^ 
at [h  Cl]
The dependence of the rate on the second power of the 
reactant concentration is unusual for a dehydro­
chlorination as is the appearance of the product term 
in the denominator, a feature which is very reminiscent 
of Bodenstein and Lind * s classic research on the thermal 
synthesis of hydrogen bromide (Z. physik. Chem., 1907,
97m 168). These features v;ere not observed in the 
seemingly analogous decompositions of the 1:2-dichloro­
ethylenes. The ensuing discussion refers, therefore, 
only to the pyrolysis of trichloroethylene.
It is possible to write down two reaction schemes 
which, when analysed by the steady state treatment, give 
rise to an overall rate equation which is of the same 
form as the experimental equation. The essential 
difference between these two schemes is that one (A) 
employs a first order chain initiation step, and the other 
(B) a second order process for the first step. In 
the second scheme all the elementary reactions are at 
least bimolecular, whereas in scheme A unimolecular steps
- Ié3 -
have been incorporated. The two possible schemes 
are as follows 
Scheme A.
(i)
(ii)
(ill)
(iv)
3C2CI2 --- » C^Cl^ (mechanism unspecified)
Cl + C^Cl£ --- > end. (v)
CgHCl^  
CgHGl^ + Cl
CoCl3
CpHClp
4. C2HCI2 + Cl 
HCl 4- CgCl^ 
C2CI2 + Cl 
CgHCl +• Cl
Scheme B.
2CgHCl^ --- > C2HCI2 + CgHClg + Cl
 > C2HCI2 * C2CI; 1- HCl
CpHCl.^ + Cl --- » HCl + C2CI2
C2HCI, + C2CI3 ---^ CgHCl, 1- C2CI2  ^Cl
CpHCl^ + C2HCI2 --- > C2HCI, + CgHCl + Cl
3C2CI2----> % C 16
C2HCI2 + Cl 4- C5CI6 --- > end
(1)
(ll)
(2)
(3)
(4)
(mechanism unspecified)
(5)
The third body appears in step (5) purely to stabilise 
the products.
The choice of the steps included in the schemes 
requires a little explanation. The initiating step in 
the first scheme is that which is now accepted as the
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most likely process by which free radicals are 
produced in this type of system (cf. Hewlett, Trans.
Far. Soc., 1952, 48, 25), and the two alternatives 
given in scheme B are the possible extensions of this 
process to include bimolecular initiation. There is 
not, at first sight, any particular reason for wishing 
to consider a second order initiating process. There 
are, however, two points which maJce it desirable to 
bear this possibility in mind. The first is that the 
reaction is approximately second order immediately 
after the end of the induction period, and the second 
point is that the residual, non-chain, homogeneous 
reaction is second order in the same pressure range. 
Kinetically, the steps (1) and (1-) are indistinguishable.
The steps (ii), or (2), and (iii), or (3), 
require no comment, since they are the only logical 
propagating steps which can be envisaged under the 
circumstances.
The reactions (iv) and (4), however, have no 
counterpart in the general scheme for the free radical 
pyrolyses of saturated chlorohydrocarbons, and the 
reasons underlying their inclusion need to be made plain. 
The general scheme can be represented as follows
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A ----  ^Ep + Cl
A + Cl ---- > HCl + Rg
Rg  > P -I- Cl
R] 4- Cl -----> P + HCl
A represents the reactant, R^ and R^ are chlorohydro­
carbon radicals, and P is a product molecule.
If a process analogous to step (4), i.e.,
R p  >C1 + P, is added to this scheme without further
modification, the chain is not stationary, and, there­
fore, the amended scheme cannot possibly be correct.
It has been shown by the flow experiments that mono- 
chloroacetylene is definitely produced in the pyrolysis 
of trichloroethylene, and step (4) is the only reasonable 
reaction which leads to this product. The reason why 
the inclusion of this step gives a steady state in one 
case, and notin the other, is that the chain ending 
processes are different.
The choice of termination process requires some 
explanation. In the scheme for the decomposition of 
chloroalkanes the end of the chain is pictured as the 
abstraction of a hydrogen atom from the non-propagating 
radical by a chlorine atom. For the pyrolysis of 
trichloroethylene it is suggested that the chains are
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stopped by the addition of a chlorine atom to a 
hexachlorobenzene molecule. This exception to the 
general case is quite easily understood when the rates 
of the two alternatives are considered. It is 
probable that the rate constants for the two processes 
are not significantly different, but the rate of the 
hydrogen abstraction involves two free radical 
concentration terms and must inevitably be low, while 
the rate of the addition reaction includes one radical 
and one molecular term, thus almost certainly making 
it considerably greater than the former rate. It is 
not surprising, therefore, that a reaction of the 
second type will swamp one of the former type in those 
systems in which it can occur.
There are good grounds to support this choice 
of chain ending step. Firstly, the whole scheme when 
analysed by the steady state treatment correctly 
predicts the observed kinetics, in particular, it gives 
an adequate explanation of the e xperimentally detected 
inhibition by the products. Secondly, although the 
uninhibited decomposition of the 1:2-dichloroethylenes 
YJ3.S not studied very intensively, sufficient results 
were obtained to show that there was no appreciable 
inhibition by the products. This is consistent with
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the reported thermal stability of mono chloro ac etylene 
(Bashford, Emeléus and Briscoe, loc. cit.), for, if 
there is no considerable formation of an aromatic 
chlorohydrocarbon from monochloroacetylene, the chains 
cannot possibly be terminated by the addition of a 
chlorine atom to an aromatic ring. This emphasises 
the point that the mechanism postulated to describe 
the chain mode of p^crolysis of trichloro ethyl ene is 
not of general applicability, in fact, as far as is 
known, the mechanism is unique.
The kinetic chain length of the reaction, as 
estimated from the flow experiments, is virtually 
independent of the temperature, and approximately 
35c. This is in sharp contrast to the chain length 
for the decomposition of 1:2-dichloroethane which 
was estimated to be about 105 by Barton and Hewlett 
(J.C.S., 1949, 155)" This estimate was based on a 
rather different reaction mechanism from that which is 
nov7 thought to be correct, but the change in the 
details of the mechanism does not appreciably alter 
the chain length.
It does not seem unreasonable that chlorine 
atoms should add on to hexachlorobenzene, since it has 
been postulated that chlorine atoms add on to both
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benzene (Lane and Noyes, J.A.C.S., 1932, l6l;
Smith, Noyes and Hart-, J.A.C.S., 1933, Ü ,  4444) and 
chlorobenzene (Hart and Noyes, J.A.C.S., 1934, 96.
1305) in the photochlorination of these compounds. 
Lastly, there is some information about the analogous 
addition of methyl radicals to benzene (Levy, Steinberg 
and Swarc, J.A.C.S., 1954, %6, 3439). They suggest 
that methyl radicals can take part in two different 
reactions with benzene. When the reaction is carried 
out at low temperatures, and in solution, the authors 
find that the predominating reaction is one of addition 
of a methyl radical to the benzene ring, but that at 
high temperatures in the gas phase, this reaction is 
outweighed in importance by the abstraction of a 
hydrogen atom from the benzene ring. The reason for 
this is that the higher activation energy of the 
metathesis causes it to swamp the addition reaction at 
high temperatures. In the case of hexachlorobenzene 
and a chlorine atom, there is no possibility of a 
hydrogen abstraction reaction, so it can be concluded 
that, even at the temperatures at wbich the pyrolysis 
of tri chio ro ethylene was studied, the effective chain 
ending step was the addition of a chlorine atom to 
hexachlorobenzene.
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Having considered the reasons which influenced 
the choice of steps in the postulated mechanisms, it is 
necessary to carry out the usual steady state analysis 
of the schemes to show that they do lead to the 
experimentally determined kinetics. For both schemes 
the rate of the overall reaction is the same, i.e.,
d rn c il = kn
dt
Let [A] = LC2HCI3] [Rj = LCpHClgl [Eg] -LC2CI3] [pj - [%Cl6]
The differential equations governing the radical
concentrations for scheme (A) are as follows.
dCCl] - o = kq[A] - kgUJCCl] + k^lEg] + k^[%] - k^[Cl][p] 
dt
= 0  = k% [A] - k4.[Rj
dt
d ^ E g ]  = 0  = k g E A j C C l ]  -  k ;  [E g ]
dt
Adding all three equations
0  = 2 k i U i  - k^[Cl][P] 
...[Cl] = 2kq[A]
k^[p]
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Whence d[HCl] 2 kj_ kg [A]2
dt kç [p]
Alternatively for scheme (3)
d lC ll 'O ' k i[A ]2 - kg [A j[c l] +k3[A][Rg] +k4[Aj[F(^l - k^ [A][Cl][p] 
dt
d[Ri]-o =k3_[Al2 - k^lAllR]] 
dt
d[Rg].o = kg[A]Ici] - k^lAllRg] 
dt
As before, o = 2 kjlAl^ _ kq[A][Cl] [pj 
.-.ICl] = 2ki[A]
k^tp]
d\HCl] 2 kj_ kg [A]2 
dt k^ [P]
Both schemes, therefore, predict the experimental 
kinetics correctly. It is clear that the simple kinetic 
study is incapable of distinguishing between these two 
mechanisms. Intuitively, the decision tends to be in 
favour of scheme (B), the choice being largely influenced 
by knowledge of the molecular mode of elimination of
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hydrogen chloride. The existence of induction periods, 
however, makes it possible to draw more reliable 
conclusions.
Until quite recently, it has been assumed, almost 
invariably that the time required to reach the steady 
state in a thermal chain reaction is immeasurably small. 
The classical examples of reactions showing induction 
periods, such as the combination of hydrogen and 
chlorine, have usually been attributed to the presence 
of traces of inhibitors, nitrogenous materials in the 
case quoted, for example. In his work on the pyrolysis 
of acetone, Allen (J.A.G.S., 1936, ^8, 1052) reported 
the existence of induction periods which were not due to 
inhibitors, but his results have received adverse 
criticism from Davoud and Hinshelwood (Nature, 1939,
144, 909) who attributed them to condensation. Rather 
irreproducible induction periods in the thermal 
decompositions of the cycloparaffins have been reported 
by Pease and Morton (J.A.G.S., 1933, Ü ,  319G), and by 
Kuchler (Trans. Far. Soc., 1939, 35, 874). These 
induction periods may be inherent features of the 
reactions, but their low reproducibility makes them 
unsuitable for quantitative investigation. More
-  1 7 2  -
recently still, however, the pyrolyses of certain 
chloroalkanes such as 1:2-dichloroethane (Barton and 
Howlett, 1949, 155; Hewlett, Trans. Far. Soc.,
1952, 48, 25), l:l:l-trichloroethane (Barton and Onyon, 
J.A.G.S., 195^5 22, 988) and 1:1:2;2-tetrachloroethane 
(Barton and Howlett, J.C.S., 1951? 2038) have been 
shown to be characterised by fairly reproducible 
induction periods which cannot be attributed to such 
factors as adventitious traces of inhibitors. It is 
believed that the induction periods found in the 
dehydrochlorination of trichloroethylene are of this 
type.
The most reasonable explanation of this 
phenomenon is that it is due to a slow build up tov/ards 
the steady state, a possibility which might be expected 
if one of the chain propagating steps is slow, as was 
first pointed out by Semenov (Z. Physik. Chem. B, 193I, 
11, 464). In 1952 both Howdett (Trans. Far. Soc.,
1952, 48, 25, 35)? and Benson (J. Chem. Phys., 1952, 20, 
1605) suggested quantitative treatments of induction 
periods based on integration of the simultaneous 
differential equations governing the concentrations of 
the active species in the system.
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In his papers Howlett gives two variants of his 
method, the exact form, and the approximate treatment. 
The exact treatment involves performing the graphical 
integration of the equations connecting concentration 
with time, the length of the induction period can then 
he found from the point on the time axis v/here the 
radical concentrations have reached their stationary 
values. The approximate treatment depends on the 
fact that the exact concentration versus time graphs 
show that the rate of build up of each active species 
is approximately linear, and, therefore, the length 
of the induction period can be found by dividing the 
steady state concentration of one of the propagating 
radicals by its rate of build up. Thus it is only 
necessary to carry out the integration far enough to 
assess the rate of build up. The complete generality 
of these methods mahes them particularly valuable, 
despite the somewhat laborious computations which are 
involved.
Benson^s treatment is somewhat different, since 
it approaches the problem from a different angle, being 
designed to find conditions under which induction periods 
are short, rather than to calculate the length of the
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induction periods under given conditions. The method 
does not have the same universal applicability as 
Howlett*s treatment, since the equations are solved by 
direct integration. In order to do this severe 
restrictions have to be placed on the relative values 
of the rate constants for the steps in the mechanism, 
and several approximations made at various stages in 
the calculation. However, provided that the same 
general type of mechanism is considered, both 
treatments lead to the same broad conclusions. For 
example, Howlett's approximate treatment when applied 
to the p2/-rolysis of 1:2-dichloroethane leads to the 
expression
k-
ki k, k^
where I is the length 
of the induction period
It can be deduced from this that an increase in the 
value of the rate constant for chain termination, IC4, 
leads to an increase in the length of the induction 
period, in agreement with Benson’s calculations on the 
combination of hydrogen and the halogens 7
Unfortunately it is not possible to apply Benson’s 
type of calculation to the pyrolysis of 1:2-dichloroethane,
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since the relative values of the velocity constants of 
the propagating steps are such that it cannot be assumed 
that either of the propagating radicals sets up a steady 
state with respect to the other, virtually instantaneously, 
although it can be shown that the chain mechanism for the 
dehydrochlorination of chloroalkanes in general would lead 
to the same overall picture as that derived by Benson for 
the thermal synthesis of hydrogen haJLides, if the 
necessary restrictions could be applied.
As things stand at the present, therefore, it seems 
that Howlett’s treatments, either exact or approximate, 
give a more useful approach to the problem, despite the 
more laborious computations which are involved. In the 
case of the dehydrochlorination of 1:2-dichloroethane, it 
has been demonstrated (Howlett, Trans. Far. Soc., 1952,
48, 25) that both the exact and approximate methods lead 
to the calculation of induction periods which are in very 
good agreement with those determined experimentally, 
showing that the approximate treatment is sufficiently 
accurate for practical purposes. This is the treatment 
which has been applied to the induction periods which 
were observed in the pyrolysis of trichloroethylene.
The sigmoid nature of the product versus time curves
-  1 7 6  -
made it impossible to estimate the length of the 
induction periods by direct inspection. This obstacle 
was surmounted by a graphical integration method. A 
point on the original graphical integration v/as selected, 
and the calculated slope assumed to be the true slope at 
the mid-point of the integration interval over which it 
had been applied. Then working from this point, the 
true slope and the original interval were used to start 
the numerical integration in the direction of zero time. 
This procedure gave the best obtainable fit between the 
two halves of the curve. The induction period was taken 
to be the point bn the time axis at v;hich the calculated 
concentration of the product had just fallen to zero.
The induction periods at each temperature and pressure 
were calculated in this way, and are given in Table 30 
along with the values calculated from the approximate 
i I.P. expression.
Table 10.
T°C Po(mm.) Observed I.P. Calculated I.P.
444-• 5 42*5 53
444« 5 P 42*5 53
444*5 16 376
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Table 30 (continued)
425 42-5 276 280
410 42*5 444 444
385' 42-5 1104 1025
p denotes packed reactor
It is immediately obvious from the results at 
4471.50c that the induction periods are independent of 
the surface/volume ratio, but show a rapid inverse 
dependence on the initial pressure. The results do, 
in fact, correspond to an inverse variation with the 
square of the initial concentration, but since this 
effect has not been investigated more thoroughly, no 
account of this variation has been taken in calculating 
an equation to express the change in induction period 
v;ith temperature. It must be emphasised, therefore, 
that the equation given refers only to initiaJL pressures
of 42'5
Following a suggestion of Barton and Howlett 
(J.C.S., 1949, 155)9 the reciprocals of the induction 
periods have been treated as rates, and the logarithms 
of these reciprocals plotted against the reciprocals 
of the absolute temperature. A good straight line,
figure : il .
X N : B U C , T i O N  P E R l O l > S  I N  T H E  P T « O L Y S i S Of TR\«,MtOROETMYLeNC
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from which the equation, I  ^io~^'9e33?^^/RT secs. 
waA calculated, was obtained. It should be pointed 
out that the induction periods at the top of the 
temperature range v/ere not included in this calculation, 
since the error in their estimation is very high 
compared with their duration.
In order to apply the approximate induction period 
treatment two things must be knovm, the steady state 
concentration of one of the propagating radicals, and its 
rate of build up to the steady state. The former is
known from the analysis of the stationary state, and the 
latter is found by giving arbitrary, but reasonable, 
values to the velocity constants for the steps in the 
postulated chain, and then carrying out the first stages 
of the graphical integration. The trend of the figures 
in the integration gives the required rate of build up. 
The simplest radical to consider in either of the two 
schemes put for\/vard to explain the kinetics of the 
thermal decomposition of trichloroethylene is 
Applying the method outlined above, the rate of build up 
of Rp from scheme (A) is kqlAg] , and its steady state 
concentration is 2 kp kpLAg] ^  (since [a]"^[Ao] at the
1C3 kjtri
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end of the induction period, and [p] is the amount 
of product formed when the steady state has just been 
reached)
...I» 2 q  kg 1
k3 k^ [p] kilAo]
2 kg[Ao] 
k^ k^[p]
Turning to scheme (B) and applying exactly the 
same arguments, it follows that the rate of build up 
of Eg given by kq[Aol^j and its steady state 
concentration by 2 kq k2[Ao]
^3 k^[p] 
whence I ^  2 k% k2[Ag] 1
k3 k^ [p] ki[Ao] 
2 k.•2
k3 k^[Ao\[p]
But 1_P]  ^Jdx where t is a time when the steady state 
has just been reached, such that t - I ( = &t) is finite,
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but extremely small, and dt = f (P), f(P) being unknovm, 
and unobtainable.
However, the experimental definition of I is such that
t e  ^f (P) dt = J dt where dt has its steady state
o I
meaning.
As shovm earlier, j ^  _ k &t  ^ ax In a - C In p
J dt a(a-*-q) (a-x) a-x p+-x
By definition x is small, and a-x ^  a
k&t ^  X
(a+q) a
But X = [P] , and a = [A^] , [p] = constant. [ Aq]
Substituting this value for P in the induction 
period expressions shows that the induction periods 
associated with scheme (A) would be independent of the 
of the initial pressure, whereas those associated with 
scheme (B) would be inversely proportional to the square 
of the initial pressure. The experimental evidence is, 
therefore, entirely in agreement with mechanism (B).
In order to show that there is reasonable 
quantitative agreement between the postulated mechanism 
and the experimental equations, it is necessar^^ to 
determine the arbitrary constant in the approximate
induction period expression, I _ 2 ko_________
constant kgk^[Aj^
— l8x —
This cannot be accomplished theoretically. From 
the experimental titration versus time curves, 
however, it is found that, immediately after the end 
of the experimentally defined induction period, [p] 
averages 11% of [Aq] over the whole of the temperature 
range. Therefore the constant is 0*13, and thus 
I = 2 k2 . Both this, and the rate constant
Ô -13 kg
expression k = k% kp are found to agree with the
following assignment of activation energies and non­
exponential terms,
ki = loH-3 e-40,000/RT mole."^ sec.-l
kg = 10^ e-4 ,$00/RT i, mole."l sec."^
k^ = 10^^ g-28,430/RT mole.“^ sec.“l
k^ = 10 *^^ '^  e~9?l'^0/RT ^2 mole.“2 gec.“^
These assignments are reasonable, but cannot, 
at the present time be further substantiated, since 
there is no direct measurement of the bond dissociation 
energy of the first G-Gl bond in trichloroethylene, or 
other such experimental evidence available. However, 
the fact that it is possible to give reasonable values 
to the Arrhenius parameters, so that quantitative
— 1.8 2 —
agreement with the experimentally observable induction 
periods and rate constants is achieved, is strong 
evidence in favour of the mechanism, which, as noted 
earlier, correctly accounts for the reaction order and 
products.
The effect of inhibitors, such as propylene and 
n-hexane not only established that trichloroethylene 
and the dichloroethylenes decomposed by chain mechanisms, 
but also that there were competing non-chain processes 
occurring simultaneously. These residual reactions 
might have been homogeneous or heterogeneous, and, 
before preceding to deal with the theoretical 
significance of the results obtained for the maximally 
inhibited dehydrochlorinations, it is essential to 
settle this point. The evidence is completely in 
favour of homogeneity. Increasing the surface/volume 
ratio of the containing vessel 11-fold was found to be 
completely without effect on the inhibited decompositions 
of trichloroethylene and the dichloroethylenes, and, 
since the results of this test are unambiguous in the 
case of a non-chain reaction, it follows that these 
reactions must be entirely homogeneous. Furthermore, 
the true homogeneity of these pyrolyses leads one to 
the conclusion that they are molecular reactions, as
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no reasonable alternative explanation can be 
envisaged.
Any treatment of gaseous unimolecular reactions 
which is based on Lindemann’s collision model leads to 
the following three qualitative criteria for the
e
recognition of unimolecular reactions. At high initial 
pressures of reactant, the reaction follows a first 
order lav;, the rate constants being independent of the 
initial concentration. Belov; a certain initial 
concentration, known as the critical pressure limit, 
there is both a decline in the measured rate constant 
and a change over towards second order kinetics.
Finally, since these low pressure effects are due to a 
failure of the Ma jcw e 11 - Bo It zmann distribution of energy, 
it is possible to restore the low pressure rate constants 
to their high pressure values by adding an ’Inert” gas 
to the system.
Having established that they are molecular, it 
is a short step to showing that these particular reactions 
are unimolecular. The important question is whether or 
not they satisfy the requirements for unimolecularity 
which have already been quoted. Tahing first the 
molecular dehydrochlorination of the 1:2-dichloroethylenes, 
the answer is positive. The results at 44-4*5^ C show
1 3 4  -
that the apparent first order velocity constants 
approach a constant value at initial pressures of 
ca. ^00 miD. The fall in specific rate with decreasing 
concentration is very marked wdth either propylene or 
n-hexane as inhibitor over the whole of the temperature 
range .studied. The change towards second order kinetics 
is almost complete by the time the initial concentration 
has been reduced to 3I mm. when n-hexane is the inhibitor 
(the ext.reme slowness of the reaction at reasonable 
temperatures made it inconvenient to complete the 
investigation of this effect by reducing the concentration 
still further). Another aspect of this decline of 
specific velocity with concentration was that there was 
a steady fall in calculated velocity constant throughout 
the course of each run. At 3I ram. initial pressure of 
1 ;2-di-chloroethylene, for example, after about lOg of 
the decomposition had been completed, the reaction obeyed 
second order rather than first order kinetics, implying 
that the products of reaction are less efficient in 
energy transfer than the reactant itself. The addition 
of foreign gases has received considerable attention.
Tith a constant concentration of 1:2-dichloroethylene, 
it was found that the addition of ether or n-pentane 
caused an acceleration, the actual extent of which was
-  1 8 5  -
dependent on the partial pressure of the additive.
Both gases raised the specific velocity to a limiting 
value, and with n-pentane it was shown that this 
corresponded to a truly first order reaction, i.e. 
equivalent to initial concentrations of reactant above 
the critical pressure limit, since the value of the 
rate constants calculated was independent of the partial, 
pressure of the reactant, provided that the partial 
pressure of the n-pentane was kept sufficiently high.
Thus there seems to be no doubt that the elimination of 
hydrogen chloride, in the presence of inhibitors, from 
both cis- and trans-1;2-dichloroethylene is an example 
of a simple unimolecular process.
The experimental material on the molecular part 
of the decomposition of trichloroethylene is not so 
extensive, and is largely complementary to the 
1:2-dichloroethylene work. In the presence of small 
quantities of propylene and n-hexane, at initial pressures 
of trichi0r0ethylene of less than 42*5 nmi., the pyrolysis 
is characterised by excellent second order kinetics. It 
is not feasible, on account of the experimental 
difficulties, to raise the initial pressure of reactant 
above this point, so there is no direct evidence to show 
that at some higher concentration the kinetics will
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change over to the first order type. Indirectly, 
however, by the use of the ’’inert” gas criterion, it 
was shown that the reaction was indeed unimolecular^
Thus the second order kinetics were due to the lov; 
concentrations employed, and not to a fundamentally 
different biraolecular reaction.
With the mechanisms of these dehydrochlorinations 
well substantiated, it is nov/ possible to examine the 
results more deeply. Very little on the effect of 
foreign gases on the second order region of a uni­
molecular reaction has been reported. As far as is 
known this is the first example of a simple unimolecular 
decomposition in which the second order region has been 
investigated.
A recent paper on this subject is that by Cordes 
and Johnston (J.A.C.S., 195'4, %6 , 4264) on the 
decomposition of nitryl chloride. The reaction is 
reported to proceed by a consecutive mechanism in which 
the rate is determined by the unimolecular split of 
nitryl chloride into nitrogen dioxide and a chlorine 
atom. The kinetics of the overall reaction have, 
therefore, been taken to be the kinetics of this step.
At concentrations of less than 3 x 10~"^  mole 13^, they 
found that the decomposition of nitryl chloride was
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first order with respect to nitryl chloride throughout 
the course of each run, but that the first order 
constants were directly proportional to the initial 
concentration, indicating that the reaction was more 
correctly designated as second order. Arguing from 
the Lindemann equation, they suggest that no uni­
molecular reaction can ever show real second order 
kinetics at finite pressures. This seems to be a 
case of splitting hairs, for, equally well from the 
same equation, no unimolecular reaction can show fully 
developed first order kinetics, except at infinite 
pressure, whereas it is well known that, within the 
limits of experimental error, true first order kinetics 
are exhibited by unimolecular reactions above a finite 
critical pressure. The unimolecular decomposition of 
trichloroethylene is certainly not in agreement with 
this argument, since the kinetics are undoubtedly 
second order.
Cordes and Johnston also reported the effect of 
adding argon to the system. They claimed that instead 
of a linear relationship between first order constant 
and concentration, a curved plot was obtained. 
Inspection of their published graphs makes this seem 
an exaggerated claim, since the curvature is largely
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due to forcing the line to pass through the origin, 
a procedure which was not adopted for the decomposition 
of nitryl chloride. However, accepting this inter­
pretation as correct, it signifies that the kinetic 
order can be slightly lowered by the addition of 
sufficient foreign materiaJ. to the system.
The effect of n-pentane on the pyrolysis of 
t r i chi 0 r o ethyl en e was much more marked. Using a 
constant initial pressure of 42 mm. of trichloro ethylene, 
the initial rate of the dehydro chlorination was raised 
3-fold h y  increasing the partial pressure of n-pentane 
from 10* 5 mm. to 1^ 8 * 5 nim* This far more noticeable 
effect is not surprising. A monatomic gas such as 
argon would not be expected to exert a large influence 
on the Maxivell-Boltzmann distribution of energies in a 
reacting system, whereas a complex molecule such as 
n-pentane is appreciably more efficient than the 
structurally less complex substrate. The inhibited 
decomposition of trichloroethylene is thus of 
considerable importance, as it establishes quite 
definitely that unimolecular reactions do follow second 
order kinetics at sufficiently low concentrations, in 
agreement with theoretical predictions, and that the 
second order reactions can be accelerated by foreign
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gases, just as can the intermediate pressure first 
order reaction. It is also interesting to note that 
the use of n-pentane as a combined inhibitor and 
accelerator is quite novel. It is believed that this 
is the first case of this double use to be reported.
The experimental results can also be used to 
examine the quantitative aspects of the theories of 
unimolecular reactions, A critical examination of 
various treatments of unimoleculax reactions has 
already been given in the Introduction, so it suffices 
to say that the molecular pyrolysis of the 1:2-dichloro­
ethylenes cannot be explained in terms of the simple
Hinshelwood treatment. The reasons for this ajre,
1 1
firstly, the relationship between and - is non­
linear, and, secondly, the activation energj’" is pressure 
dependent. Nor is it possible to use the Rice and 
Ramsperger or the Kassel treatments, since the high 
pressure region has not been reached, except in the 
case of the experiments with n-pentane. Thus the 
exact position of the critical pressure limit is not
■known, and it is therefore not possible to estimate the
number of oscillators which are helping to store the
energy of activation. It is, however, possible to view
the results from the standpoint of Slater's treatment.
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a fact whlcn demonstrates the superiority of the 
theory over its predecessors. No kinetic data are ^ 
necessary to calculate the non-exponential term in 
this theory, making it possible to compare theory 
with experiment in cases such as this.
The first important feature is the high value 
for the critical pressure limit in the decomposition 
of 1:2-dichloroethylene, ca. $00 mm. at 444«$°C.
This is sharply contrasted with the limit of ca. 20 mm. 
found in the analogous dehydrochlorination of l:l-dichloro- 
ethane (Howlett, J.C.S., 19$2, 369$). This fact is 
in agreement with Slater's prediction that the position 
of the critical pressure limit is a function of 
molecular complexity. His actual estimate suggested 
that the critical pressure limit for a reaction 
involving a hexatomic molecule might be anywhere up to 
2 atmos., a figure which embraces this particular example.
The fall in activation energy from $2*7 kilocals./mole 
at high pressures to 42*$ kilocals./mole at low pressures 
is also expected from this treatment. The decrease 
in activation energy for the deconposition of a molecule 
which has n normal modes all with the same vibration 
frequency is given by the expression, ^(n-l)RT + ^ RT, 
at constant pressure. To a first approximation this
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result can be applied to a reaction even if all the 
vibration frequencies are not equal. ' For the 
1 ; 2-dichloro ethyl en es n is 12, and. the maximum fall 
in activation energy expected is, therefore,
9 kilocals./mole. This is in good agreement with
the experimental figure of 10*2 kilocals./mole.
It should be noted that this is, in fact, the maximum 
change. Lowering the initial concentration still 
further is not likely to make any appreciable difference, 
since the same activation energy v;as found with initial 
pressures of 3I mm. and 69 mm.
The non-exponential terms for the dehydrochlor­
inations of 1:2-dichloroethylene and trichloroethylene 
are also in good agreement with Slater’s arguments.
The reaction model employed by him leads automatically 
to the result that the non-exponential terms for all 
unimolecular reactions in the high pressure region must 
be ca. 10^3. The non-exponential term for the uni­
molecular decomposition of 1:2-dichloroethylene is 
10^2*56^ in accordance with theory. The mathematical 
ti^eatment of the intermediate pressure region is not 
amenable to approxima.tion methods, but the other 
limiting condition, the second order region, can be
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considered. Slater has shown that the non-exponential 
term for a second order unimolecular reaction will be 
dependent on the number of normal modes of the non­
reacting molecule. He has actually calculated the 
molecular complexity factor of the non-exponential term 
for various values of n, assuming that all the normsJ. 
modes are equivalent. Since, however, he points out 
that this is only a very poor quantitative approximation 
in real cases, no direct comparison with his calculations 
has been made. Nevertheless, Slater’s treatment implies 
that similar molecules such as trichloroethylene and 
1;2-dichloroethylene will have similar non-exponentiel, 
terms for their unimolecular decompositions in the second 
order region. By direct experiment the non-exponential 
term for the pyrol.ysis of trichloroethylene is 10^^*^^. 
The corresponding non-exponential term for l;2-dichloro- 
ethylene can be estimated by assuming that the reaction 
has just reached the'second order region at an initial 
pressure of 3I mm. The experimentally determined first 
order non-exponential term, 10^-66 ^ must then be divided 
by the initial concentration to convert it to a second 
order non-exponential term, i.e., it becomes 10^^*8  ^
There is, therefore, striking agreement between the 
non-exponential terms for the decompositions of
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trichloroethylene and the 1:2-dichloroethylenes.
Thus these experiments provide practical confirmation 
of Slater’s theoretical predictions.
In final conclusion, it can be said that all 
the primary aims of this research have been implemented, 
mechanistic interpretations of the kinetic results have 
been possible, and new avenues of investigation have 
been opened up.
